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LETTER OF TRANSMITTAL. 
STATE OF ILLINOIS , 
D E P A R T M E N T OF REGISTRATION AND EDUCATION. 
STATE W A T E R SURVEY DIVISION. 
U R B A N A , ILLINOIS, June 15, 1926. 
A. M. Shelton, Chairman, and Members of the Board of Natural 
Resources and Conservation Advisors: 
G E N T L E M E N : Herewith I submit a report of studies of the 
chemistry of water purification in Illinois and recommend that it be 
published as Bulletin No. 22. These studies, based as they are on con­
ditions in Illinois, will find direct application at filter plants in the state. 
Since the Directors ' report includes a statement of the general 
activities of all divisions, it has seemed advisable to discontinue the 
publication of an annual report of this division and to prepare instead 
summaries of our various investigations as they are completed. This 
policy was adopted with the publication of Bulletin No. 18 in May of 
1922, and has been followed since that date. 
Respectfully submitted, 
A. M. B U S W E L L , Chief. 
INVESTIGATIONS OF CHEMICAL REACTIONS INVOLVED IN 
WATER PURIFICATION. 
INTRODUCTION AND SUMMARY. 
The chemical processes that are involved in the operation of filter 
plants for public water supplies deserve attention both from the point of 
view of chemists and operators and from the point of view of the gen­
eral public. The reactions in coagulating basins, in particular, are not 
as simple as have commonly been supposed. The use of alum as a 
coagulating and precipitating agent has encouraged many investigators 
to attempt to determine the most favorable conditions for reactions of 
this nature, but progress has been retarded by lack of full understand­
ing of the chemistry of aluminum salts. 
The question of residual alum in filtered waters has been referred 
to by writers from various standpoints, some physicians being alarmed 
by possible physiological effects and some water-works operators being 
apprehensive of possible waste of chemicals. The term residual alum, 
as used in such discussions, has not been well defined. Some writers 
use it without any statement as to the comparative amounts of alumina 
found in the raw and filtered waters and without any indication as to 
what may be a safe limit for residual alumina. The chief objections to 
unprecipated alumina seem to be the incrustation of sand and of dis­
tributing mains and the waste of chemicals. Not only should the alum 
be precipitated as completely as possible, but it should form a coagulum 
that will settle with reasonable rapidity and produce maximum clarifi­
cation. Unprecipitated alum does no work, and the inference is that 
residual alumina in excess of a certain minimum may. be taken as an 
indication of faulty operation and inefficient clarification. 
Until recent years, work such as that of Bartow and Lindgren (5), 
in which analyses were made of several samples of the same water 
treated with increasing quantities of reagent, had been the most fruit­
ful means of studying and determining the limitations of such reac­
tions; but the results did not yield all the information that could be 
desired, for difficulties were usually encountered because of several 
important conditions peculiar to water purification. In the first place, 
these reactions are carried out in very dilute solutions, which cannot 
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be accurately analyzed by ordinary methods. In the second place, al­
though it is essential that they should be carried as nearly to completion 
as possible, it is not desirable to use a large excess of reagent to force 
them to completion, for often an excess of reagent would be as harmful 
as the material which the treatment process is designed to remove. 
Finally, it has been exceedingly difficult to reproduce in laboratories 
the conditions under which these reactions take place in filter plants, 
and it has been still more difficult to maintain adequate control of the-
experimental conditions. 
Hildebrand's paper (48) on the application of the hydrogen elec­
trode to research and teaching had suggested a method which might be 
applied in studying some of these reactions, since most of them would 
be expected to take place in such a manner as to cause significant 
changes in hydrogen-ion concentration. Washburn (123 and 124) 
had pointed out the importance of the hydrogen-ion concentration in 
inorganic reactions, and Mason (73) had given directions for the color-
imetric determination of hydrogen-ion concentrations in water analysis. 
The methods of investigation that had been vised with great success 
by Sorensen in his work on factors determining the course of biological 
reactions, and by a host of later workers in biochemistry, afforded a 
promising angle of attack upon many problems in the chemistry of 
water.* Morison (81) made the first application of hydrogen-ion 
concentration as a means of control in water filtration. In this labora­
tory, Snook (106) had used the hydrogen electrode with some success 
to study the precipitation of magnesium by means of lime water. His 
apparatus was, however, rather crude, and the amount of work done 
was limited; also, as in most of the investigations in this field prior to 
1920, the solutions used were much more concentrated than those em­
ployed in filter-plant operation. 
In 1920, this laboratory undertook a series of investigations of 
these reactions, giving special attention to hydrogen-ion concentration 
and using the hydrogen electrode as the principal means of its determin­
ation. The investigations were carried out by four workers, each re­
porting his results in a thesis for. an advanced degree in chemistry in 
the University of Illinois. This bulletin is made up of material from 
these four theses, each in a separate part, as follows: 
* For an extensive list of works on hydrogen-ion concentrations, see Clark (18). 
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SCOPE OF THESE INVESTIGATIONS. 
PART ONE. 
In 1920 and 1921, R. E. Greenfield used the hydrogen electrode to 
re-survey a variety of reactions commonly met with in water analysis 
and purification. He obtained titration curves for several common 
carbonates and bicarbonates and applied the method of hydrogen-ion 
determination to the precipitation of magnesium, calcium, and alum­
inum. In general, his titration curves for aluminum check with those 
published by Hildebrand (48) and by Blum (12) for more concen­
trated solutions. The point of maximum precipitation of aluminum 
appeared to be located between pH 6. and pH 7.5, but there was no 
definite point of inflection in the precipitation curves. The inference 
was that pH* determinations alone did not definitely delimit the zone 
of optimum conditions, and that the precipitation of alumina deserved 
to be studied as an individual question for research. Greenfield's work 
was of value also in suggesting other problems for further investiga­
tion and in developing methods of procedure in the application of the 
hydrogen electrode to water analysis. 
PART TWO. 
Following these methods of precedure, G. P. Edwards, in 1922 and 
1923, employed the hydrogen electrode to determine the solubilities of' 
aluminum through a wide range of hydrogen-ion concentrations. From 
gravimetric determinations, the base solubility product of aluminum 
hydroxide was calculated to be 3xl0 -14, and the acid solubility product 
1 x 10 - 1 3 . Under carefully controlled experimental conditions, pH 5.5 
and pH 7.8 were found to be the limits of minimum solubility. Ed­
wards also studied the relation of the "isoelectric point" to the optimum 
conditions for the removal of color from water; he obtained maximum 
removal of color by alum near pH 6.0 and concluded that the action was 
one of adsorption rather than chemical combination. In two surveys 
of various filter plants in Illinois, he collected data showing how the 
actual decrease in the alkalinity of the water due to the addition of 
alum differs from the expected decrease as ordinarily calculated, and 
how residual alumina is related to hydrogen-ion concentration in the 
effluent. In general, less dissolved alumina was found in the effluents 
from filter plants than in the raw waters, the amount in the effluent sel­
dom exceeding two parts per million. Least residual alum was found 
* For the definition of the symbol pH see Clark (18). 
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between pH 6.0 and pH 7.8. Both the field work and the laboratory 
experiments indicate a rather broad pH zone in which the amounts of 
residual alum are lower than one-tenth of a grain per gallon. 
PART T H R E E . 
In 1923 and 1924, W. U. Gallaher, using methods, determined the 
solubility product of magnesium hydroxide and also checked the pre­
vious work on alum precipitation by tests made in an experimental filter 
plant near the laboratory. Samples from filter plants in various parts 
of the state were analyzed, with special attention to the composition of 
the alum floc*. From his data it appears that, where lime is used in 
connection with alum for coagulation, enough calcium carbonate or 
magnesium hydroxide precipitates to keep the alkalinity from decreas­
ing at the rate usually calculated; and that in the floc formed at pH 7.4 
in actual filter-plant practice there is no basic aluminum sulfate but 
probably some basic aluminum carbonate. He found that the solubility 
of alumina in sand-filtered water increases from pH 7.9 to pH 9.8; 
but, on account of the corrosion of the metal containers and the reac­
tion of the gravel and sand with the water in the experimental plant, 
he did not get correlated results in the acid range of hydrogen-ion con­
centrations. In addition, Gallaher studied the effect of heat in a com­
mercial lime-soda softener at the Danville plant of the Illinois Power 
and Light Corporation, finding that with proper treatment the time re­
quired for settling and the final hardness of the water were markedly 
decreased by increasing the temperature and by using alum. 
PART FOUR. 
Finally, in 1924 and 1925, L. H. McRoberts modified the experi­
mental plant to eliminate the difficulties formerly encountered at greater 
hydrogen-ion concentrations and continued the investigation of alum 
precipitation. He found that residual alumina decreases with decreas­
ing hydrogen-ion concentration from pH 3.2 to pH 7.3, and that the 
alumina content of the effluent from a plant operated efficiently is con­
siderably less than the alumina content of the raw water. 
* Editor's Note :— 
The literature shows some confusion of terms due to shifting points of view on the 
nature of the complex mixture of chemical compounds precipitated in coagulating 
hasins. In the present bulletin, the precipitate is generally called "alum floe"—an ex­
pression definite enough to be clear without committing a writer to any particular view 
of the exact composition of the precipitate. Similarly, "residual alum" is here used 
because it has been widely employed to refer to the aluminum compounds left in solu­
tion, although the evidence now seems sufficient to discredit the fears formerly aroused 
by this unfortunate term. 
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For convenience in comparison of the results obtained by the sev­
eral workers, typical data on residual alum have been collected from 
Parts Two, Three, and Four, and have been plotted on the Composite 
Figure shown here. 
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In the preparation of this bulletin, extensive editorial work has 
been done on these four independent theses. The aim has been to in­
clude all the data as originally obtained by each worker with his own 
interpretation. In some places where the discussion has been abridged 
to prevent unnecessary repetition of ideas, cross-references are sup­
plied. It is hoped that the bulletin, taken as a whole, thus serves not 
only to record accurately the point of view of each investigator but 
also 'to show fairly the evolution of viewpoint from the beginning of 
the series of investigations to the present time. All bibliographical refer­
ences have been collected and arranged alphabetically in an appendix. 
Credit for this editorial work is due to H. C. Oesterling, of the Depart­
ment of English in the University, and to S. L. Neave, Chemist, of the 
Water Survey staff. Acknowledgment is also made of the assistance 
of G. C. Habermeyer, Engineer on the Survey staff, in the construction 
and operation of the experimental filtration plant. 
GENERAL CONCLUSIONS. 
It is believed that these investigations, together with those carried 
on in other laboratories during the last five years, have definitely estab­
lished several important points: 
(1) The amounts of residual alum in filtered water under ordi­
nary conditions are inconsequential and are never sufficient to cause 
any physiological effect. No economic loss can be inferred from the 
presence of such slight traces of alum in distribution mains. (The 
data plotted . on the Composite Figure on page 11 bear out this 
conclusion.) 
(2) The saving that results from adjusting the pH to an opti­
mum point is due to the greater efficiency of the alum used rather than 
to the prevention of unused alum going into the distribution mains. 
This efficiency consists largely in the formation of better alum floc, 
which is the first prerequisite in the purification process. It is, there­
fore, generally desirable to adjust the hydrogen-ion concentration of a 
natural water to an optimum point. 
(3) The optimum point is not the same for all waters and can be 
determined in any given case only by taking account of all the factors 
(physical as well as chemical) entering into the purification process and 
by considering all the circumstances of the case. An operator may find 
that the optimum point for his plant varies with seasonal changes in 
temperature, turbidity, hardness and other factors. 
(4) The use of pH determinations in the operation of a filter 
plant affords a guide to more efficient results only when there is no 
confusion of purposes. For example, other things being equal, pH S.5 
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may afford most rapid formation of floc, pH 6.2 may be most effective 
for removal of color, pH 5.9—6.8 may give least residual alum, and 
pH 7.1 may be best for removal of turbidity. It is, therefore, unwise 
to attempt to accomplish too many different purposes at one time. 
Separate treatment may yield better results. 
(5) The great complexity of the reactions involved in water puri­
fication is just beginning to be aprpeciated. Progress requires the ut­
most cooperation of engineers, chemists, and operators in the handling 
of problems of design and dosage. Great economies are yet to be 
effected. Continued research, looking toward solutions of these prob­
lems, is indispensable from the point of view of the general public. 
A. M. BUSWELL. 
AUGUST, 1925. 
PART ONE. 
THE USE OF THE HYDROGEN ELECTRODE IN INVESTIGA-
TIONS OF CHEMICAL REACTIONS INVOLVED IN 
WATER PURIFICATION. 
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THE USE OF THE HYDROGEN ELECTRODE IN INVESTIGA-
TIONS OF CHEMICAL REACTIONS INVOLVED IN 
WATER PURIFICATION*. 
INTRODUCTION. 
Water purification involves some chemical reactions on which it 
has been difficult to obtain definite and direct data. Ordinary titration 
of the alkalinity of calcium carbonate or magnesium carbonate solutions 
assumes that the end-points are the same as those obtained when titrat­
ing soidium carbonate solutions. Little is known concerning the velo­
cities of the precipitation reactions of calcium, magnesium and alum­
inum and concerning the conditions for complete precipitation. The 
use of the hydrogen electrode for following the courses of these re­
actions seemed to promise a method for obtaining more exact data 
both as to the end-points in alkalinity titrations and as to the optimum 
conditions for precipitation. 
Using the hydrogen electrode, Hildebrand (48) had plotted titra­
tion curves of aluminum hydroxide which showed that precipitation 
began in solutions as acid as pH 4.0 and was practically complete be­
tween pH 6.5 and 7.5. He had also titrated sodium carbonate with a 
strong acid using the hydrogen electrode but had not titrated calcium 
carbonate or magnesium carbonate. 
Blum (12) had published electrometric titration curves for the 
precipitation of aluminum hydroxide which were similar to those of 
Hildebrand. He had also determined the optimum limits of hydrogen-
ion concentration for the precipitation of aluminum hydroxide in rock 
analysis. These determinations were made by adjusting the reaction 
of his solution to a certain value of the hydrogen-ion concentration 
and then boiling; when less than 0.1 mg. was found in 100 cc. of the 
supernatant liquid after boiling, the precipitation was considered com­
plete. While furnishing valuable data for analytical procedure, Blum's 
paper unfortunately does not enable us to decide upon the best condi­
tions for precipitation of aluminum hydroxide in the cold. The solu­
tions used by Hildebrand were so much more concentrated than those 
* From a thesis submitted July, 1921, by E. E. Greenfield in partial fulfillment of 
the requirements for the degree of Doctor of Philosophy in Chemistry in the Graduate 
School of the University of Illinois. 
An abridged account of this work was printed in the Journal of the American 
Chemical Society, Vol. XLIV, No. 7, pp. 1435-42, July, 1922. 
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dealt with in water analysis and purification, that it seemed advisable 
to repeat his work using more dilute solutions and a more sensitive ap­
paratus. The other reactions here studied have not, as far as we can 
learn, been investigated with reference to hydrogen-ion changes during 
their course. 
APPARATUS, CHEMICALS AND CALCULATIONS. 
It has been shown by Tillmans (113), Prideaux (91), McClendon (70), 
Greenfield and Baker (38), and others, that the hydrogen-ion concentration 
of natural waters is to a considerable extent determined by the carbonate 
and carbon dioxide content of the water. The mass law equations: 
[H+] [HCO3-] [ H + ]      [CO3 ]
=K  =K2  [H + ] [ O H — ] = K w 
[H2CO3] [HCO3—] 
are valid in the case of any carbonate or carbon dioxide solution. If we know 
the value of the constants, and fairly accurate evaluations of these constants 
have been made (47, 48, 55, 56, 57), and if it is possible to determine experi­
mentally any two of the four unknowns in the first two equations, it will be 
possible to calculate the others. 
In the light of the discussion on this point in the papers referred to, an 
attempt was made to design an apparatus in which a given volume of 
hydrogen, one liter, would be brought into equilibrium with a carbonate 
solution contained in a hydrogen electrode vessel. If equilibrium were 
reached, by determining the hydrogen-ion concentration of the carbonate 
solution and the carbon dioxide content of the hydrogen, valuable data would 
be obtained for calculating the equilibrium conditions in carbonate solutions. 
McCoy (71) has reported experiments in which mixtures of carbonates and 
bicarbonates were shaken for some time with air, the air removed in such a 
manner as not to change the pressure, and the carbon dioxide content deter­
mined. This gave direct experimental data as to the partial pressure of 
carbon dioxide over carbonate solution containing various percentages of 
bicarbonate. If a successful apparatus had been designed, it would have 
been possible to repeat this work of McCoy's and at the same time find the 
hydrogen-ion concentrations in the same solutions upon which the partial 
pressure of carbon dioxide had been measured. 
The apparatus tried consisted of a vessel (100 cc. capacity) provided 
with a side tube to make liquid contact with the salt bridge, a mercury-seal 
glass stopper carrying two platinized electrodes, and inlet and outlet tubes to 
introduce hydrogen at the bottom under the surface of the liquid and take 
the hydrogen off at the top. The vessel to hold the required volume of 
hydrogen was a special liter flask with an inlet tube sealed into the neck 
and passing to the bottom of the flask, and an outlet tube also sealed into 
the neck. A small mercury pump with mercury valves was designed to draw 
hydrogen from the containing flask, pass it through the hydrogen electrode 
and return it to the containing flask. Stopcocks were so arranged as to 
make easy the filling of the entire system with pure hydrogen. The con­
taining flask could be disconnected and removed and the carbon dioxide 
content determined by regular methods. The entire apparatus could be placed 
in a constant-temperature waterbath. No rubber stoppers were used, the 
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only stopper in the system being a mercury-sealed glass stopper. All stop­
cocks were of the best quality obtainable, well ground and carefully greased. 
Where two glass tubes had to be joined with rubber connections, the ends 
of the glass were pushed close together, the connecting rubber tube was 
soaked in paraffin, and each joint was carefully tied with wire. In spite of 
these precautions no satisfactory results were obtained. The hydrogen elec­
trodes gave check results only when the hydrogen atmosphere was first placed 
in the system; after a few hours of rotation by means of the mercury pump, 
the results became erratic. This was probably due to contamination of the 
hydrogen with oxygen. Work with the apparatus was finally given up as 
unsuccessful. McClendon (70) has attacked the problem from a different 
angle with somewhat more success. It would be desirable, however, to obtain 
results with a little higher degree of accuracy. 
The potentiometer used was a Leeds & Northrup, Type K. The working 
current was furnished by a small ten ampere-hour lead-plate storage battery. 
This was left continually in the circuit, as the working current was found 
to be much more uniform when used in that way than when the battery 
was taken out of the circuit each night. The null-point indicator was a 
Leeds & Northrup galvonometer, Catalogue No. 2500-e, with a sensitivity of 
396 megohms, a period of 3.4 seconds, and a coil resistance of 1800 ohms. 
The galvonometer was read by means of a lamp-and-scale device placed for 
convenience three meters from the instrument. (This distance was greater 
than was necessary to give the indicated sensitivity.) The standard cadmium 
cell, used in adjusting the potentiometer, was of the unsaturated type manu­
factured by Eppley. It was compared with another cell manufactured by the 
same firm and certified by the United States Bureau of Standards. 
No attempt was made at shielding. High-voltage connections used on 
motors, etc., were well insulated and kept from crossing the potentiometer 
circuits as much as possible. Very little trouble from current leaks was ex­
perienced. The hydrogen and calomel electrodes were connected to the poten­
tiometer through double-throw single-knife switches as recommended by 
Clark (17) one pole of each switch being connected to the negative pole of 
the potentiometer, and the other pole of each switch connected to the positive. 
The electrodes were connected to the knife of the switch. With a bank of such 
switches the rapid reading of several electrodes is made quite easy. 
Saturated calomel half elements were used throughout the entire course 
of the work. The values for these elements given by Fales and Mudge (32) 
have been taken as the most reliable and have been used in the calculation 
of all results reported. The electrode vessel described by Fales and Vosburgh 
(31) was used. The mercury used was purified by placing it in an ordinary 
gas-washing bottle along with dilute nitric acid and stirring with a vigorous 
stream of air for 30-60 minutes. The nitric acid was changed once. The 
mercury, after purification, was dried by passing through a pin hole in filter 
paper and was finally distilled under reduced pressure with a small current 
of air. The ordinary grade of C. P. potassium chloride was purified by 
recrystallization from water three times and drying at 120°C. for two days. 
The calomel was prepared by the solution of some of the purified mercury 
in C. P. nitric acid, diluting the concentrated acid solution with redistilled 
water before all the mercury had dissolved, and precipitating the calomel 
with vigorous stirring, by a slow addition of C. P. hydrochloric acid. The 
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resultant calomel mixed with some free mercury was washed by decantation 
several times with redistilled water and then with potassium chloride solu­
tion of the strength to be used in the electrodes. The washed calomel was 
placed in potassium chloride solution of the desired strength and allowed to 
stand for several days with frequent shaking. The resultant mixture was 
used in the preparation of the electrodes. 
Saturated electrodes made from this mixture, with an excess of solid 
potassium chloride resting on the surface of the mercury, were reproducible 
within one-tenth of a millivolt or better after they were twenty-four hours 
old. The electrodes that were in use daily, and had fresh stock solution 
added to make up the loss that always occurred due to flushing and leakage, 
could be depended upon to keep their original value within 0.1 — 0.2 milli­
volts for a month or two. The electrodes that were made up and left stand­
ing out of use changed sometimes as much as 0.5 millivolts in less than a 
month. They could be restored almost to the original value, but never com­
pletely, by taking out the old potassium chloride solution and adding fresh. 
The best practice seemed to be to make fresh electrodes frequently to check 
the ones in use. 
Tenth-normal electrodes were prepared and compared with the saturated. 
The difference in potential agreed with the values given by Fales and Mudge. 
The tenth-normal electrodes were also used in making some comparisons of 
hydrogen electrode measurements. In every case tried, the results from a 
saturatd electrode and a tenth-normal electrode differed' from each other by 
the same amount as the difference in potential between the two when di­
rectly compared. The tenth-normal electrodes, because of lower conductivity, 
made the entire set-up much less sensitive. They were quickly spoiled by 
diffusion from the saturated salt bridge, even when cotton plugs, as. recom­
mended by Fales and Mudge, were used in the connecting tubes; and indi­
viduals made from the same material differed from each other more often 
and to a greater extent than did the saturated electrodes. 
One of the most important necessities in the successful operation of 
hydrogen electrodes is an abundant source of pure hydrogen. During the 
first part of this work, an attempt was made to use hydrogen from a cylinder, 
purified by passing through alkaline pyrogallic acid and then through water. 
Only by frequently renewing the alkaline pyrogallic acid, which was rapidly 
exhausted by the considerable quantities of oxygen in the hydrogen, could 
this source be satisfactorily used. For the latter part of the work, hydrogen 
was generated by the electrolysis of sodium hydroxide and purified by wash­
ing through water to remove sodium hydroxide spray, and by passing through 
a quartz tube filled with platinized asbestos and maintained at a dull-red 
heat in a small electric furnace to remove the oxygen. The gas was finally 
passed through a second wash bottle containing either water or some of the 
solution under examination. The hydrogen generator was constructed by 
placing a large adapter, large end down, in a battery jar. The nickel gauze 
cathode was placed on the inside, running from top to bottom of the adapter 
and the anode, and on the outside near the top of the battery jar. The 
hydrogen was taken off from the small end of the adapter. Three such cells 
connected in series, using a current of from three to seven amperes, produced 
ample hydrogen with a satisfactory head for any of the electrodes used. 
The hydrogen electrodes first used were made by welding a small square 
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of platinum foil (6 mm. on the side) to a short length of platinum wire 
which was fused into a glass tube. The electrical connection was made by 
means of mercury in the glass tube. The electrodes were blacked by electro-
lyzing in a 1% solution of platinic chloride acidified with hydrochloric acid, 
using a four-volt storage battery as recommended by Clark (17). Later it was 
found that better results were obtained by cutting the potential difference 
down, by means of a sliding resistance, to about 2.5 volts. This was enough 
to give a vigorous but not a violent evolution of gas in a dilute sulfuric acid 
solution. Even with this modification it was found to be very difficult to get a 
uniform or adherent coating of the black, and almost as difficult to remove an 
unsatisfactory coating. The black could be removed by electrolyzing in concen­
trated hydrochloric acid with the electrode as the anode, but this was a slow 
process which badly pitted the electrode and eventually rendered it useless 
Gold-plating the electrodes was tried, but the successful gold-plating of an 
electrode was a long and tedious process, and the gold plate all came off with 
the platinum black when an attempt was made to clean up an imperfect 
electrode. Lead acetate was not used, as it had been found unsatisfactory by 
Clark (17), Ellis (28), and others. 
Palladium chloride in a 1% solution acidified with hydrochloric acid was 
then tried. This proved to be much better than the platinum. The deposits 
were smoother and more adherent and were easily removed by electrolysis 
without any material damage to the platinum electrode. 
It was also found that short lengths (about 1 cm.) of a fairly large 
platinum wire (about 1.6 mm. in diameter), sealed into glass tubes, made 
more satisfactory electrodes than did the platinum foil. The coating of black 
seemed to be more uniform and more adherent when placed on the wire form. 
The electrodes were thoroughly cleaned in hot "cleaning mixture", electro-
lyzed for a few minutes with the electrode as the cathode in dilute sulfuric 
acid, and then in the palladium chloride solution at a potential of about two 
and one-half volts until a uniform velvety black coating was formed (usually 
from five to ten minutes). An electrode was considered satisfactory if, when 
again electrolyzed in the dilute sulfuric acid, it formed only small bubbles 
of hydrogen uniformly distributed over the entire surface. Large bubbles or 
bubbles unevenly distributed indicate an uneven and unsatisfactory coating 
of black. It was found1 necessary to remove the coating and reblack the elec­
trodes at intervals of from two days to two months, depending to some ex­
tent upon the solutions upon which the determinations were being made. 
Most of the results in this paper represent check readings using two 
electrodes. 
Two types of electrode vessels were used, the first as designed by Cark 
(17) and the second a larger vessel. Clark's cell was found very useful when 
the hydrogen-ion concentrations of a large number of different solutions were 
to be measured. Because of its small size it was of no use when the hydrogen-
ion concentration of the same solution was to be measured after each addi­
tion of reagent, as in the titration of an alkali with acid. For this latter 
purpose a larger electrode vessel was designed which would hold about 160 cc. 
This had a stopcock, such as is used on Clark's cell, at one end on the lower 
side, which when turned one way connected with the saturated salt bridge, 
and when turned the other way drained the vessel. On the upper side at each 
end there was a tabulation which would take a No. 2 rubber stopper; one 
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stopper carried two platinum electrodes, and a tube for introduction of 
hydrogen, the other a burrette for introducing the standard solution and a 
tube for exit of hydrogen. The exit for hydrogen was left open only long 
enough to flush the cell thoroughly; after it was closed, the titration was 
finished under a constant pressure. This electrode vessel was mounted on a 
rocking device and connected to the salt bridge vessel in the same manner 
as the Clark vessel. 
For ordinary titrations the readings may be made with the stopcock 
closed, sufficient contact being obtained around the ungreased plug of the 
stopcock. If, however, extremely accurate hydrogen-ion determinations are 
to be made, the contact must be made as is done in the Clark cell; by 
squeezing the rubber tube connecting the salt bridge and the electrode in 
order to expel a few drops of salt solution, then turning the stopcock to con­
nect with the electrode and releasing the rubber tube. This makes a sharp 
but broad contact in the tube below the stopcock. There must be another 
stopcock farther back in the tube leading to the salt bridge which must be 
kept closed to prevent filling the cell with potassium chloride solution. 
Carrying on a titration and making the contact by this latter method inter­
feres slightly with the accuracy of the titration from a volumetric stand­
point, for a small portion of the solution being titrated is lost each time the 
contact is made. The results in this paper were obtained by the latter 
method, however, since it was more important to obtain the exact position 
of the curve than to locate the exact end-point of each reaction. 
The water used for all solution was prepared by redistillation of the 
ordinary grade of distilled water after the addition of alkaline permanganate, 
the distillate being rejected until it failed to give a test for ammonia with 
Nessler's reagent. The water so prepared was stored in pyrex flasks. All 
chemicals used, other than those especially described elsewhere, were C. P. 
of the highest grade obtainable. The standard sodium hydroxide was 
standardized with benzoic acid obtained from the U. S. Bureau of Standards, 
and fused immediately before using. The hydrochloric acid solution was 
standardized against the sodium hydroxide. All volumetric ware used had 
been certified by the U. S. Bureau of Standards, and the weights used were 
carefully checked against a set calibrated by the same bureau. 
The measurements reported were all made on the system 
Hg —C1 Sat KC1 — S a t KC1 — Unknown — H2(Pt) 
With the exception of the titrations with acid and the reactions involv­
ing the precipitation of calcium as the carbonate, the over-all E. M. F. of this 
system was measured with sufficient accuracy to give check results within 
± 0002 volts. In order to calculate the hydrogen-ion concentrations from 
these measurements, accurate values must be obtained for the E. M. F. be­
tween the mercury and the saturated KC1 calomel solution as well as values 
for the potentials at the various liquid contacts and a standard value for the 
normal hydrogen electrode. The value 5266 volts, as determined by Fales and 
Mudge (32), was accepted for the value of the saturated calomel element at 
25°C., and the temperature coefficient .0002 volts per degree was used in calcu­
lating the value of this electrode at other temperatures. From the value 
2165 volts given by Fales and Mudge for the system 
Hg —Cal Sat KC1 — S a t KC1 — . 1 HC1 —H2(Pt) 
and from the activity of .1 N HC1 of .843 given by Ellis (28), the value .2800 
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volts was obtained for the normal hydrogen electrode, which is slightly lower 
than the value (.2817 volts) calculated from data given by Fales and Vosburg 
(31). However, since the value of Fales and Miudge for the saturated 
calomel electrode was being used, the latter value (.2817 volts) for the 
hydrogen electrode was also used. The difference between th E. Ml F. of the 
normal hydrogen electrode and that of the saturated calomel electrode will 
give, therefore, the value of the saturated calomel electrode referred to the 
normal hydrogn electrode as zero. This is .2466 volts at 25°C. and is referred 
to as ECAL. 
There are doubtless potential differences set up at the contacts between 
the unknown solution and the saturated salt bridge. Estimation of values 
for these potentials from a consideration of ion mobilities was not possible 
in such complex solutions as dealt with in this paper; neither did the nature 
of the work permit the use of the compensation method of Bjerrum (10). 
Although such contact potentials are known to amount at times to as much 
as .0005 volts, they have been considered as zero in all the calculations in this 
work. While this assumption is not entirely justified in view of the accuracy 
with which the over-all E. M. F. was measured, the neglect of these quantities 
probably does not introduce very serious errors. 
The over-all E. M. F. values were corrected to one atmosphere pressure 
of hydrogen by means of the equation: 
or 
in which EBAB is a quantity which is added to the total over-all E. M. F. 
measured; T is the absolute temperature; and P is the barometric pressure 
in atmospheres corrected for vapor pressure of the unknown solution and 
whatever back pressure may be imposed upon the system. 
Using the above values and corrections, the hydrogention concentration 
(reported in all cases in Sorensen's (107) pH numbers, i. e., negative log 
of the hydrogen-ion concentration) has been calculated by means of the 
following equation: 
E. M. F. is the total over-all potential measured, and the other terms have 
the significance defined above. The values used at the various temperatures 
are as follows: 
Temp. oC. ECAL 0.00019837 T 
20 .2456 .0581 
21 .2456 .0583 
22 .2460 .0585 
23 .2462 .0587 '24 .2464 .0589 
25 .2466 .0591 
26 .2468 .0593 
27 .2470 .0595 
28  .2472 .0597 
29 .2474 .0599 
30 .2476 .0601 
TITRATION OF CARBONATE SOLUTIONS. 
One of the most common methods of estimating the normal car­
bonate content of a solution is to "titrate with a standard acid until the 
solution is neutral to phenolphthalein", and in the same manner the 
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total carbonate and bicarbonate content may be estimated if methyl 
orange is used in place of phenolphthalein. If the hydrogen-ion con­
centration is determined at various steps in the titration and plotted 
against the quantity of acid used, a curve is obtained which shows two 
inflection points, the first inflection occurring when acid equivalent to 
one-half the normal carbonate has been added and the second when 
acid equivalent to all the carbonate has been added. These curves are 
useful in confirming the suitability of the indicators used, for an indi­
cator of the highest accuracy should show its end-point color at a hy­
drogen-ion concentration corresponding to the inflection point of the 
curve. Such data as have already been published show that the above-
mentioned indicators are about as satisfactory for the purpose as could 
be expected. 
In order to confirm these findings more fully, a study was made of 
reactions of a strong acid with dilute solutions of the carbonates of 
sodium, calcium and magnesium. Small quantities of standard acid 
were added to dilute carbonate solutions, and after each addition the 
hydrogen-ion concentration was determined electrometrically by means 
of the familiar gas chain. Each titration was continued until acid had 
been added in excess of the. quantity necessary to react with all the 
carbonates present. In order to avoid most of the errors due to change 
in carbon dioxide content referred to by Tillmans (113), Johnston (56) 
and Kolthoff (62), the rocking electrode vessel described on page 21 
was used for these titrations. 
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The results are shown in Tables I — V I and in Fig. 1. In order to 
make the scale of the curves uniform, the results for the calcium bi­
carbonate have been recalculated so that each abscissa represents cubic 
centimeters of 0.1 N acid used per 100 cc: of solution t i t ra ted; for the 
same reason, each abscissa in the case of the 0.02 N sodium carbonate 
has twice the value of an abscissa in all the other cases. T h e sodium 
carbonate solutions (being normal carbonate) show two inflection 
points while the others show only one. 
The position of the inflection point, while not materially affected 
by the nature of the metal ion, is to a considerable extent affected by 
the concentration of the solution, as would be expected, from a consid­
eration of the mass-law equations involved. This effect, however, is 
not sufficient to necessitate the changing of the indicators commonly 
used. If extreme accuracy is desired, a color comparison standard 
could be used corresponding to the particular pH value desired. Fo r 
the first, or carbonate, inflection point, which is near pH 8.2, phenolph-
thalein, or any other indicator showing a good end-point color at this 
value, is satisfactory. The second inflection point occurs near pH 4.5, 
for which methyl orange is an indicator. Here, however, it would be 
an advantage. (39) in most cases if an indicator were selected showing 
its end-point color slightly below pH 4 .5 ; for Acree and Brunei (2) 
have shown that sodium chloride, which is so often present in natural 
waters, tends to raise the hydrogen-ion concentration of the methyl 
orange end-point. The error due to the hydrolysis of aluminum salts 
(which, when present, constitute a portion of the alkalinity)* may be 
partly offset by the use of an indicator changing color at a lower hydro­
gen-ion concentration; this is a special case, however, and one in which 
the most accurate results cannot be obtained. 
* This point is to be discussed in a paper now in preparation. (Part II.) 
It is, however, apparent that during the titration of a solution having an 
original pH value on the alkaline side of the methyl orange end-point and 
containing aluminum salts, some hydrogen ions will have been used up in 
reversing the hydrolysis of the aluminum salts by the time the end-point 
(pH 4.2) is reached. Fig. 4 may be made to represent such a titration by 
considering the units of alkali on the X-axis as negative quantities of acid. 
Suppose then that in this figure a line be dropped perpendicular to the 
X-axis from a point on any one of the three curves representing the hydrogen-
ion conentration at the beginning of a titration, e. g., pH 5.5, and a line be 
similarly drawn from a point on the same curve corresponding to pH 4.2, 
the distance intercepted on the axis between these two lines will represent 
the acid required to cause the change from pH 5.5 to pH 4.2. Since the 
"alkalinity" of a water is its acid capacity up to the methyl orange end-
point, it is seen that partially neutralized aluminum salts constitute a part 
of the alkalinity. 
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THE PRECIPITATION OF MAGNESIUM AS THE HYDROXIDE. 
The problem of removing magnesium from a very dilute solution 
divides itself into two pa r t s : (1) to determine when sufficient reagent 
(hydroxide) has been added to throw as much of the magnesium out of 
solution as possible; (2) to treat the precipitate in such a way as to 
cause it to coagulate and settle properly. We may hope to throw light 
on the first par t by means of various chemical determinations and by 
means of hydrogen electrode measurements. The second part, dealing 
with the behavior of colloids, would require different methods of s tudy; 
here physical factors also, such as rate and character of stirring and 
changes of temperature, exert considerable influence. Also, the excess 
of reagent and the amounts and kinds of other salts in solution doubt­
less affect coagulation.* 
Bartow and Lindgren (5) have shown that, in treating a magnesium 
solution with lime water, the minimum content of magnesium is not reached 
until the alkalinity with phenolphthalein is somewhat greater than one-half 
that with methyl orange, or until some free hydroxide is present in the solu­
tion. This would correspond approximately to an alkalinity represented by 
pH 11, that is, a slightly higher hydroxyltion concentration than that of a 
dilute carbonate solution. This approximate figure could also be deduced 
from a consideration of the solubility product of magnesium hydroxide 
(1.2 X 10 —11, the value most nearly correct according to Johnston (55) ), 
and can be verified from a rather small scale curve obtained by Hildebrand 
(48) for the titration of magnesium. 
In view of the meagerness of the data available, it was considered ad­
visable to prepare titration curves using standard sodium hydroxide 
and various concentrations of several magnesium salts. It was found 
by preliminary experiments that addition of an alkali to an excess of 
magnesium in solution caused the hydrogen-ion concentration first to 
decrease sharply and then to rise gradually for several hours . This was 
taken to indicate that the precipitation of magnesium as the hydroxide 
was a ra ther slow reaction requiring a long time to reach completion. 
The slowness of reaction was more marked, the more dilute the solu­
tion, as was to be expected. Since it would have been extremely diff-
cult to keep a hydrogen electrode in working order long enough to com­
plete a titration allowing time for equilibrium to be reached after each 
addition, it was decided to ca r ry on the reaction in a large number of 
bottles (250 cc.) containing equal amounts of magnesium solution. 
A small amount of hydroxide solution was added to the first bottle, 
more to the second, and so on to the last bottle, to which more alkali was 
added than would be equivalent to the magnesium present. The bottles were 
allowed to stand with frequent shaking for 24 hours or more, after which the 
hydrogen-ion concentration was determined on each. To prevent contamina-
*Editor's Note :—See below, pp. 75-79. 
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tion with carbon dioxide from the atmosphere durnig addition of the chemical 
and withdrawal of sample, the bottles were fitted with stoppers carrying an 
arrangement of tubes similar to that of an ordinary wash bottle. During the 
time allowed for the reaction to take place, the tubes were closed by means 
of rubber tubing and pinchcocks. 
Experiments were run using solutions of magnesium sulfate (0.02, 
0.01 and 0.005 normal) with sodium hydroxide, and magnesium bicar­
bonate solution (0.01 normal) with lime water. In two experiments 
with 0.02 normal magnesium sulfate, sodium chloride was added until 
the solution was 0.1 N with respect to this salt. The complete results are 
given in Tables V I I - X V I I I , and in Fig. 2 typical examples of these ex­
periments are given graphically, each abscissa representing cc. of 0.1 N 
alkali added to 100 cc. of solution. Since neither the sodium hydroxide 
nor the lime water was exactly tenth-normal, it was mecessary to multi­
ply the actual number of cc. used by the proper factor to get the values 
for making the graphs. 
The results show that the inflection point of the curve falls at 
practically the same pH value regardless of the concentration of the 
solution or the nature of the salt. This value is in the neighborhood 
of pH 10.6 and corresponds to a hydroxyl-ion concentration slightly 
lower than would be expected from consideration of the solubility pro­
duct 1.2 X 10-11. This deviation from the calculated value supports 
Johnston's (55) opinion that all previously reported values of the solu­
bility product are too large. 
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The presence of sodium chloride in cencentrations as high as 0.1 N does 
not materially affect the position or shape of the curve. It is especially 
noticeable that the curve for the titration of magnesium bicarbonate solution 
with lime water passes a maximum in the neighborhood of pH 10. Since the 
reactions are somewhat complicated at this point, it is difficult to assign an 
explanation. The solution is undoubtedly depositing both calcium carbonate 
and magnesium hydroxide, and probably also magnesium carbonate. One 
explanation that might be offered is that one of the precipitates changes its 
physical state; that is, if one of the precipitates were colloidally dispersed, 
it would probably have a solubility somewhat greater than the same sub­
stance would have in a non-colloidal state. If a certain hydroxyl-ion con­
centration should cause coagulation, there might result a decrease in solu­
bility and a corresponding decrease in hydroxyl-ion concentration. 
The assumption that the coagulated precipitate is not peptized by a 
decrease in hydroxyl-ion concentration is justified in view of the fact that 
these colloidal reactions are often not reversible in the strictest sense of the 
word. This explanation of the peculiarity in the curve is, however, by no 
means the only one that could be advanced. It is also true that, while the 
formation of a maximum in the neighborhood of pH 10 is more noticeable in 
the magnesium bicarbonate curve, it can be detected to some extent in some 
of the others. The other curves are quite steep at this part, and the points 
are rather few, making the exact shape of each curve hard to follow. 
In a few experiments the phenolphthalein alkalinity and the alkalinity 
to brom phenol blue were determined on the same bottles on which the 
hydrogen-ion concentration determinations were made. The results with 
brom phenol blue are the same as would be obtained with methyl orange (39). 
The inflection point of the pH curve occurs at about the point where the 
phenolphthalein alkalinity is equal to or slightly in excess of one-half of the 
brom phenol blue alkalinity. This is what would be predicted from the work 
of Bartow and Lindgren (5). 
The titrations also show that, although some precautions were taken 
against contamination by the carbon dioxide of the atmosphere, some car­
bonates were present. This was to be expected because the standard sodium 
hydroxide was prepared from a saturated sodium hydroxide solution diluted 
with carbon dioxide-free water, a method which gives a solution that is 
fairly free from carbonates but not completely so. It would seem, however, 
that such small amounts of carbonate would not seriously affect the results 
obtained, and it is believed that the solutions used more nearly represent 
those encountered in actual water-softening than would those more nearly 
free from carbonates. 
PRECIPITATION OF CALCIUM AS THE CARBONATE. 
The precipitation of calcium carbonate is dependent, primarily, 
upon the concentration of the carbonate ion and, secondarily, upon, the 
hydrogen-ion concentration, since at higher hydrogen-ion concentra­
tions the soluble calcium bicarbonate is formed. The subject of the 
solubility of this salt and the various factors influencing it has been 
very completely discussed by Johnston and Williamson ( 5 7 ) . They 
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show that the minimum solubility (about 16 parts per million) occurs 
at a partial pressure of carbon dioxide of about 3.73 X 10-7 atmos­
pheres and a hydroxyl-ion concentration of 0.787 X 10—4. This corres­
ponds to approximately pH 10. If, however, the partial pressure of 
carbon dioxide is more nearly that of the atmosphere, the solubility is 
60 parts per million and the hydroxyl-ion concentration is lower, corres­
ponding to approximately pH 8. 
Experiments were carried out on the precipitation of calcium from 
-a calcium chloride solution using sodium carbonate and from a bicar­
bonate solution using lime water, with the same methods as outlined for 
magnesium. 
In these experiments the high partial pressure of carbon dioxide intro­
duced serious errors. The liquid, when it was transferred to the electrode, 
would give up carbon dioxide to the hydrogen in the electrode 'and would 
become more alkaline, i. e., have a lower hydrogen-ion concentration. This 
trouble was overcome to some extent by introducing a portion of the liquid 
into the cell and shaking to cause it to come into equilibrium with the 
hydrogen, then passing in fresh liquid and allowing the original to ran out 
but retaining the same hydrogen in the cell. This was repeated until addition 
of fresh liquid did not change the potential of the electrode. On the other 
hand, the dilution of the hydrogen by the carbon dioxide would cause the 
results to be in error in the opposite direction, but this error can be shown by 
calculation to be practically negligible in all measurements in this series. 
In spite of all precautions, the results of these experiments are very erratic, 
giving irregular curves, and are not as reproducible as those of the precipita­
tion of magnesium or aluminum. 
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The results are given in Tables X I X - X X I I , and three representa­
tive runs are shown graphically in Fig. 3. The results show that 
calcium carbonate begins to precipitate in solutions slightly more alka-
aline than pH 7 and that the inflection point of the curve is reached 
near pH 9.5. This figure supports Johnston 's calculated value fairly 
well. In view of the extreme difficulty of sufficiently protecting these 
solutions from the carbon dioxide of the air, it is probable that the 
minimum solubility calculated by Johnston was not attained. More­
over, the difference in temperature between these experiments and 
those for which his results were calculated would render impossible too 
close comparison. 
PRECIPITATION OF ALUMINUM AS T H E HYDROXIDE. 
Most natural waters, as has been stated before, contain bicarbon-
a tes ; under ordinary conditions these bicarbonates hydrolyze, furnish­
ing hydroxyl ions sufficient to cause the precipitation of aluminum salts 
as the hydroxide. This using up of the hydroxyl-ions by the aluminum 
causes hydrolysis to proceed farther, so that the net result of the pre­
cipitation is that bicarbonates equivalent to the alum precipitated are 
decomposed, and free carbon dioxide, or carbonic acid, is formed. This 
results, of course, in increasing the hydrogen-ion concentration. If the 
bicarbonates present are not sufficient to react with all of the a lum 
added, some free aluminum ions will be left in the solution. The solu­
tion will be quite acid, due both to the free carbonic acid resulting from 
the decomposition of what bicarbonates were present, and to the hydro­
lysis of the aluminum salt itself. Although it is t rue that a certain 
degree of alkalinity is necesasry for the complete precipitation of 
aluminum, it is also well known that aluminum does not precipitate 
completely in solutions that are strongly alkaline, i. e., have a low hy-
drogen-ion concentration, and that the precipitated aluminum hydrox­
ide can be completely dissolved by the action of a sufficiently strong 
alkali. 
There has been considerable controversy as to whether this re-solution 
is merely a change in physical state, such as peptization of the colloidal 
aluminum hydroxide, or whether it results from variations in chemical com­
bination. Hildebrand (48) believed that there was an aluminate formation 
because of a second inflection point in the precipitation curve as determined 
by means of the hydrogen electrode, the second inflection occurring at the 
point where sufficient sodium hydroxide had been added to form an aluminate 
of the empirical formula NaA102. He was unable, moreover, to detect 
colloidal particles in the alkaline solution by means of the ultramicroscope. 
Mahin (72) and his co-workers, in support of the opposite view, reported that 
the heat of solution of aluminum hydroxide in sodium hydroxide was too 
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small to be accounted for by the formation of a salt. It was pointed out by 
Blum (11) that there is possibly a negative heat of solution of the hydrated 
aluminum oxide in water that may well counterbalance a rather large heat 
of reaction between the two hydroxides. Mahin also based conclusions upon 
the amount of aluminum hydroxide precipitated from an alkaline solution 
by the action of ammonium nitrate, assuming that ammonium hydroxide 
was not sufficiently alkaline to dissolve aluminum hydroxide of itself; but 
Blum (12) showed that aluminum hydroxide is soluble in ammonia to some 
extent. Chatterji and Dhar (16) argued that there was no aluminate forma­
tion because there was not much change in the resistance of a sodium hy­
droxide solution when aluminum hydroxide was dissolved in it. On the 
other hand, Goudriaan (37) reported a stable compound of the formula 
NaO3 — Al2O3— H2O as well as other aluminates with different formulae. 
While the proof seems, to be unsatisfactory on both sides, it would seem at 
present that the preponderance of evidence is for the formation of alum­
inates. It is sufficient for the purpose of this paper, however, to note that at 
fairly high hydrogen-ion concentrations the aluminum hydroxide dissolves, 
that at lower hydrogen-ion concentrations the aluminum is precipated as the 
hydroxide, and at still lower hydrogen-ion concentrations the aluminum 
hydroxide redissolves. 
The titration curves of Hildebrand (48) and those of Blum 
(11, 12), along with the analytical work of Blum (12) , indicate that 
the point of minimum solubility is between pH 6.5 and 7.5. Most nat­
ural waters have hydrogen-ion concentrations somewhat lower than 
this optimum. It might, therefore, be expected that incomplete preci­
pitation of aluminum would often result, not from a lack of sufficient 
bicarbonate alkalinity to react with all the aluminum salt added, but 
from the formation of the aluminate, due to too great a concentration 
of hydroxyl-ions. 
The results of several investigations indicate that this actually happens. 
Morison (81), by adding various amounts of alum to a certain water, found 
that optimum conditions for clarification were obtained when sufficient alum 
was added to neutralize one-half the alkalinity of the raw water. With doses 
of alum either greater or less than this optimum amount, the hemotoxylin 
test showed the presence of aluminum in the effluent. Howard and Hannan 
(54), also using hemotoxylin, found small amounts of alumina in water 
from rapid-sand filter plants and concluded that rapid-sand filters could not 
completely remove aluminum hydroxide. They were working with water at 
pH 8, from which aluminum was most completely precipitated if a small 
amount of acid was added before the alum. Addition of still more acid 
brought the water to such a hydrogen-ion concentration that the precipitation 
was again incomplete. It may, however, be noted that, if the bicarbonates 
in the water were sufficient, probably the same effects would have been ob­
tained by addition of more alum; for the addition of aluminum salts to 
bicarbonate tends to increase the acidity of the solution. 
Although Wolman and Hannan (127) reported the most satisfactory 
flocculation in samples that showed least residual alum, it does not neces­
sarily follow that the point of minimum solubility always corresponds to the 
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point of maximum flocculation, for the latter is influenced by several physical 
factors. Smith (104), using alum in the coagulation of silicic acid, reported 
optimum precipitation at pH 8.2. This is much higher than other values re­
ported, but the points on Smith's curve are so far apart that his value may 
be misplaced. Langelier (63) reported the best coagulation in certain labor­
atory stirring tests, other things being equal, at pH 7. He and many others,* 
in both laboratory and large-scale experiments, have investigated the part 
played by physical conditions such as stirring, period of detention, method 
of applying the alum, and nature of the suspended turbidity. 
In an attempt to fix the zone of maximum precipitation somewhat 
more closely, experiments were run similar to those on magnesium, 
using the same methods and apparatus. Solutions of aluminum sulfate 
approximately 0.01 N and 0.005 N were used. The results‡ are given 
in Tables X X I I I - X X V and shown graphically in Fig. 4, where the 
abscissae are pH values and the ordinates cubic centimeters of 0.1 N 
sodium hydroxide solution per 100 cc. of alum solution. 
In spite of the fact that a more dilute solution and a more sensi­
tive apparatus were used, the optimum precipitation zone was not fixed 
within any nar rower limits than previously. The results of these ex­
periments are very similar to those presented by Hildebrand and by 
Blum. Aluminum hydroxide starts precipitating in solutions that are as 
acid as pH 4.0, and the precipitation is practically complete in the range 
*Editor ' s Note:—Cf. Pi rnie (89), Hatfield (43) , Jordan (58) , Catlet t (14, 15), 
Hopkins (52) , Baylis (7) , Cox (20), Howard (51) , Veatch (117) Delaporte and 
Burn (23) . 
‡ Editor 's No te :—Subsequen t experimental work by Ther iaul t and Clark (112) 
checked these results . 
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pH 6.5—7.5. At higher pH values the precipitate partly re-dissolves, 
and the re-solution is complete at a point between pH 10 and 11. 
From these curves it can be seen that, in determining the bicarbon­
ate alkalinity of waters treated with alum, if an indicator is to indicate 
successfully the point at which sufficient alum has been added to give 
an appreciable excess of aluminum in solution, the indicator must show 
an acid reaction at a point not much below pH 6. However, the results 
of experiments described above on the reaction between carbonates and 
acids show that an indicator giving an end point at such a high pH 
value would not always be the most satisfactory for this titration. With 
fairly high bicarbonate concentration this point would fall where the 
buffer action of the bicarbonate was marked; the color change would 
be gradual and would be reached before acid had been added equivalent 
to all of the bicarbonates present. If the bicarbonate concentration 
were low, the end-point color change would be more satisfactory and 
would more nearly represent the total bicarbonates present. Since it is 
only in waters of low bicarbonate alkalinity that there is danger of 
adding alum in excess of the amount that the bicarbonate could success­
fully precipitate, such an indicator could be used fairly accurately on 
the treated water. It would also show when the water had been so 
overtreated with alum that excess alum was present in solution. Of the 
common indicators, methyl red most nearly fulfills these conditions, al­
though brom cresol purple would also seem to be satisfactory for the 
purpose. Experience has shown that methyl red actually does give sat­
isfactory results when used on such alum-treated waters. 
SUMMARY. 
Hydrogen electrode titration curves have been run with carbon­
ates of sodium, magnesium and calcium, using a strong acid. The 
shape and position of these curves are unaffected by the metal ion, but 
the inflection point occurs at slightly lower hydrogen-ion concentrations 
in dilute solutions than in the more concentrated solutions. 
Curves of the precipitation of magnesium as the hydroxide show 
that the precipitation commences at pH 9.0 and is complete at approxi­
mately pH 10.6. The concentration of the solution has practically no 
effect upon the position of the inflection point. 
Curves of the precipitation of calcium as the carbonate, while not 
as regular as those obtained for the precipitation of magnesium, indi­
cate that the reaction is complete at pH 9.5. 
Aluminum hydroxide starts precipitating in solutions as acid as 
pH 4 and is completely precipitated from pH 6.5 to 7.5. At hydroxyl-
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ion concentrations much higher than this, re-solution commences and 
is complete between pH 10 and 11. 
These precipitation reactions are not instantaneous but take several 
hours to reach an equilibrium. This was more noticeable, the more di­
lute the solution. 
SUGGESTIONS FOR FURTHER STUDY. 
The speed of reaction of all of the precipitation reactions investigated 
should be more carefully studied. Preliminary experiments indicate that, 
especially in dilute solutions, considerable time elapses before equilibrium' is 
reached. This may be due to a slowness in precipitating, the solution being 
supersaturated for some time after the reagent is added; or it may be due 
to a recrystallization or coagulation of fine or colloidal particles; or it may 
be a combination of the two effects. In one experiment with aluminum 
sulfate, to which had been added sufficient sodium hydroxide to partly re-
dissolve the precipitated aluminum hydroxide, the hydrogen electrode showed 
that the solution for several hours gradually became more alkaline. This 
lowering of the hydrogen-ion concentration was probably due to a slow 
hydrolysis of the sodium aluminate. Such a slow hydrolysis has previously 
been reported by Heyrovsky (47). The hydrogen electrode would seem to 
offer a new means of studying such phenomena. 
The speed of reaction and coagulation in these reactions is not only of 
interest scientifically but is also of utmost importance in the proper design 
of plants for softening and purifying water. Little work which has yielded 
results of any great value has been done on this subject, the design of such 
plants being for the most part worked out from experience with previously 
constructed plants. 
The determinations of hydrogen-ion concentrations in the various steps 
of coagulation and water softening would be of interest, first, to see if the 
results obtained on small-scale experiments such as are reported in this 
paper are similar to those obtained in large operations, and, secondly, to see 
if the use of such determinations does not offer a simple and accurate means 
of controlling such processes. 
The effect of other salts on the reactions reported should be more fully 
studied. Some of the reactions should be repeated, making careful deter­
minations of the dissolved salts as well as of the hydrogen-ion concentrations 
at various stages of completion. 
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TABLE I. 
TITRATION OF MAGNESIUM BICARBONATE. 
Using 100 cc. Mg(HCO3)2 Solution Approximately 0.01 N. 
0.1 N HC1 Obs. E. M. F. Temp. 
cc. volts °C. pH 
0 .6946 27 7.52 
1 .6695 27 7.12 
4 .6313 27 6.47 
6 .6102 27 6.12 
7 .5985 27 5.92 
8.5 .5696 28 5.43 
9.0 .5509 28 5.12 
9.25 .5329 28 4.82 
9.5 .5010 28 4.29 
9.75 .4523 28 3.47 
10.0 .4372 28 3.22 
10.5 .4196 28 2.96 


















TITRATION OF SODIUM 
Using 100 cc. Na2CO3 











































































T A B L E 
TITRATION OF 
Using 100 cc. Na2CO3 




















































































T A B L E IV. 
OF CALCIUM BICARBONATE. 
sing 50 cc. Ca(HCO3)2 . 




























































50 cc. Ca(HCO3)2. 































TABLE VI . 
TITRATION OF CALCIUM BICARBONATE. 
Using 50 cc. Ca(HC03)2. 
0.02 N H2SO4 Obs. E. M. F. 
cc. volts pH 
0.0 .7447 8.46 
0.5 .6900 7.54 
1.0 .6691 7.18 
1.5 .6597 7.02 
2.0 .6523 6.88 
2.5 .6404 6.69 
3.0 .6290 6.50 
3.5 .6133 6.23 
4.0 .6015 6.04 
4.5 .5659 5.44 
4.75 .5205 4.66 
5.0 .4877 4.12 
5.25 .4703 3.81 
5.5 .4614 3.66 
6.0 .4487 3.42 
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TABLE V I I . 
TITRATION OF MAGNESIUM SULFATE. 
Using 100 cc. MgSO4 Solution Containing 24.4 mg. of Mg. 
Temperature 25°C. 
Alkalinity as CaCO3 















































































TABLE V I I I . 
TITRATION OF MAGNESIUM SULFATE. 
Using 100 cc. MgSO, Solution Containing 24.9 mg. of Mg. 
Barometric pressure 749 mm. 












































TITRATION OF MAGNESIUM SULFATE. 
Using 100 cc. MgS04 Solution Containing 24.7 mg. of Mg. 
0.1 N to NaCI. Temp. 27°C. 
0.1127 N. NaOH Obs.E.M. F. 
cc. volts pH 
1 .8327 9.910 
10 .8393 10.020 
12 .8425 10.077 
14 .8438 10.097 
15 .8547 10.277 
L6 .8583 10.377 
17 .8675 10.497 
18 .8782 10.667 
19 .8913 10.887 
20 .9043 11.117 
TABLE X. 
TITRATION OF MAGNESIUM SULFATE. 
Using 100 cc. MgSO4 Solution Containing 24.6 mg. of Mg. 
0.1 N to NaCI. 
Alkalinity as CaC03 
Phenolph- Brom phenol 
































































TABLE XI . 
TITRATION OF MAGNESIUM SULFATE. 
Using 100 cc. MgSO4 Solution Containing 12.2 mg. of Mg. 
Temperature 24°C. 
Alkalinity as CaC03 















































































TABLE XI I . 
TITRATION OF MAGNESIUM SULFATE. 
Using 100 cc. MgSO4 Solution Containing 12.2 mg of Mg. 
Barometric Pressure 746 mm. 
Alkalinity as CaC03 
Phenolph- Brom Phenol 
























































































T A B L E X I I I . 
T I T R A T I O N O F M A G N E S I U M S U L F A T E , 
Using 100 cc. MgSO4 Solution Containing 12.4 mg. of Mg. 
Barometric pressure 753 mm. 

























































T I T R A T I O N O F M A G N E S I U M S U L F A T E . 
Using 100 cc. of MgSO4 Solution Containing 12.5 mg. to Mg. 
Barometric Pressure 753 mm. 












































T I T R A T I O N O F M A G N E S I U M S U L F A T E . 
Using 100 cc. MgSO4 Solution Containing 6.26 mg. of Mg. 
0.1038 N N a O H E. M. F. Temp.  
cc. volts °C. pH 
4.0 .8548 25 10.357 
4.5 .8639 25 10.507 
5.0 .8721 25.2 10.647 
5.5 .8832 25.0 10.837 
6.0 .8952 25.2 11.037 
6.5 .9023 25.2 11.167 
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TABLE XVI . 
TITRATION OF MAGNESIUM BICARBONATE. 
Using 100 cc. Mg(HCO3)2. Barometric Pressure 750 mm. 
100 cc. Mg(HCO3)2 = 10.0 cc. 0.1N acid (B. P. B. indicator) 
100 cc. Mg(HCO3)2 = 1.6 cc. 0.17V acid (Phenolphthalein) 
1 cc. Lime Water = 0.425 cc. 0.1N alkali. 
Lime W a t e r E. M. P. Temp. 
cc. volts °C. pH 
5 .8084 30.5 9.398 
10 .8245 30.0 9.667 
15 .8361 30.0 9.863 
20 .8475 30.0 10.047 
23.5 .8439 29.0 10.027 
25 .8406 28.0 10.006 
30 .8433 28.0 10.047 
40 .8696 31.2 10.427 
45 .8866 31.2 10.667 
47 .8961 31.2 10.817 
49 .9037 31.2 10.937 
51 .9092 31.2 11.037 
T A B L E XVI I . 
TITRATION OF MAGNESIUM BICARBONATE. 
Using 100 cc. Mg(HCO 3) 2 . Barometric Pressure 750 mm. 
100 cc. Mg(HCO3)2 = 9.9 cc. 0.1N acid (B. P. B. indicator) 
100 cc. Mg(HCO3)2 = 1.3 cc. 0.1N acid (Phenolphthalein) 
1 cc. L ime Wate r = 0.413 cc. 0.1N alkali. 
Lime Wate r E. M. F. Temp. 
cc. volts °C. pH 
5 .8068 31.5 9.306 
15 .8382 31.5 9.824 
18 .8424 31.5 9.895 
20 .8464 31.5 9.960 
22 .8480 31.5 9.986 
24 .8447 31.7 9.931 
26 .8473 31.7 9.974 
28 .8470 31.8 9.969 
30 .8487 31.3 10.037 
40 .8683 31.3 10.357 
43 .8775 30.3 10.547 
45 .8881 30.3 10.727 
48 .9029 28.7 11.007 
51 .9110 28.7 11.147 
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TABLE XVI I I . 
TITRATION OF MAGNESIUM BICARBONATE. 
Using 100 cc. Mg(HCO3)2. Barometric Pressure 751 mm. 
100 cc. Mg(HCO3)2 = 10.0 cc. 0.1N acid (B. P. B. indicator) . 
1 cc. Lime Water = 0.443 cc. 0.1N alkali . 
Lime Water E. M. F. Temp. 
cc. volts °C. pH 
5 .7923 27 9.231 
10 .8151 27 9.609 
15 .8383 27 10.004 
20 .8500 27 10.197 
22.6 .8500 27.5 10.197 
25 .8486 28.0 10.137 
30 .8517 28.5 10.187 
40 .8640 28.5 10.397 
45 .8888 28.5 10.807 
47 .9009 28.5 11.007 
50 .9100 28.5 11.167 
TABLE XIX. 
TITRATION OF CALCIUM BICARBONATE. 
Using 100 cc Mg(HCO    3)2. Barometric Pressure 750 mm. 
100 cc. Ca(HCO3)2 = 11.9 cc. 0.1N acid (B. P. B. Indica tor ) . 
100 cc. C a ( H C O 3 ) 2 = 17.3 cc. 0.1N acid when t i t ra ted with sodium 
hydroxide and bar ium chloride. 
1 cc. Lime Water = 0.415 cc. 0.1N alkali . 
Lime Water E. M. F. Temp. 
cc. volts °C. pH 
35 .7090 28 7.800 
40 .7439 28 8.389 
41.7 .7805 28 9.000 
44 .8202 28 9.665 
46 .8689 28 10.477 
48 .8780 28 10.627 
50 .8969 28 10.937 
55 .9078 28 11.127 
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T A B L E X X . 
T I T R A T I O N O F C A L C I U M B I C A R B O N A T E . 
Using 100 cc. M g ( H C 0 3 ) 2 . Barometric Pressure 750 mm. 
100 cc. Ca(HCO3)2 = 5.3 cc. 0.1N acid ( B . P . B. Indicator) . 
100 cc. Ca(HC0 3 ) 2 = 8.8 cc. 0.1N acid when t i t ra ted with sodium 
hydroxide and bar ium chloride. 
1 cc. Lime Wate r = 0.424 cc. 0.1N a lkal i . 
Lime Wate r E. M. F. Temp. 
cc. volts °C. pH 
1 .6868 31 7.348 
3 .6960 31 7.501 
5 .6890 31 7.385 
10 .7023 31 7.605 
15 .7127 31 7.779 
17 .7255 31 7.991 
18 .7278 31 8.009 
18.5 .7610 30 . 8.607 
19 .7795 30 8.917 
19.5 .7654 30 8.683 
20 .7728 30 8.807 
20.5 .7797 30 8.721 
21 .8173 30 9.546 
22 .8220 30 9.625 
T A B L E X X I . 
T I T R A T I O N O F C A L C I U M C H L O R I D E . 
Using 100 cc. CaCI2 Solution Containing 16.9 mg. of Ca. 
0.1N Na2C03 E. M. F. Temp. 
cc. volts °C. pH 
1 .7197 26 8.040 
4 .7211 26 8.062 
6 .7690 26 8.670 
8 .7842 26 9.126 
8.5 .8002 26 9.396 
9.0 .8188 26 9.710 
9.5 .8224 28 9.701 
10.0 .8383 28 9.967 
10.5 .8447 28 10.077 
11.0 .8582 28 10.307 
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TABLE XXI I . 
TITRATION OF CALCIUM CHLORIDE. 
Using 100 cc. CaCl2 Solution Containing 17.2 mg. of Ca. 
Temperature 31.5°C. 
0.1N Na2C03 E. M. F. 
cc. volts pH 
7.5 .7861 8.981 
8.0 .7790 8.862 
8.25 .7971 9.164 
8.5. .7986 9.187 
8.75 .8070 9.328 
9.0 .8125 9.418 
9.25 .8557 9.637 
9.5 .8325 9.758 
10.0 .8381 9.842 
11.0 .8495 10.027 
TABLE XXI I I . 
TITRATION OF POTASSIUM ALUM. 
Using 100 cc. Solution Approximately 0.01 N. 
Barometric Pressure 745 mm. 
0.1038 N NaOH E. M. F. Temp. 
cc. volts °C. pH 
0.5 .4727 31.2 3.977 
5.0 .4921 31.2 4.134 
7.0 .5097 31.2 4.437 
8.0 .5601 31.2 5.264 
8.5 .6256 31.5 6.355 
8.75 .6705 31.6 7.101 
9.0 .6869 31.7 7.374 
9.25 . .7078 31.8 7.722 
10.0 .8240 31.3 9.654 
16.0* .9093 31.8 11.077 
17.0 .9158 30.3 11.177 
17.5 .9200 30.0 11.257 
18.0 .9236 . 28.7 11.307 
19.0 .9276 28.7 11.377 
* Ppt. in all bott les to 16 cc. At 16 cc. ppt. doubtful. Above 16 cc. no ppt. 
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TABLE XXIV. 
TITRATION OF POTASSIUM ALUM. 
Using 100 cc. Solution Approximately 0.007 N. 
Barometric Pressure 745 mm. 
0.1038 N NaOH E. M. F. Temp. 
cc. volts °C. pH 
2 .4873 28 4.073 
4 .4979 28 4.251 
5 .5124 27 4.530 
6 .5920 27 5.865 
7 .7450 27.5 8.415 
8* .8292 28 9.799 
10 .8744 28 10.557 
12 .9096 28 11.157 
13 .9179 28 11.257 
14 .9242 28 11.387 
17 .9356 28 11.577 
* Ppt. present up to and including 8. 
TABLE XXV. 
T ITRATION OF POTASSIUM ALUM. 
Using 100 cc. Solution Approximately 0.005 N. 
Barometric Pressure 745 mm. 
0.1038 N NaOH E. M. F. Temp. 
cc. volts °C. pH 
0.0 .4780 29 3.920 
0.25 .4840 31.8 3.970 
1.0 . .4872 31.8 4.022 
3.0 .5017 31.8 4.262 
3.75 .5217 31.8 4.592 
4.0 .5731 31.2 5.464 
4.25 .6317 31.2 6.436 
4.75 .7129 31.2 7.783 
5.0 .7851 31.2 8.979 
6.0* .8061 31.0 9.328 
7.0 .8608 30.5 10.237 
8.0 .8939 30.0 10.817 
9.0 .9067 30.0 11.027 
* Ppt. up to 6. 
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THE RELATION OF HYDROGEN-ION CONCENTRATION TO 
THE PROPERTIES OF ALUM FLOC*. 
INTRODUCTION. 
In view of the results of the preceding investigation (40) of the 
chemical reactions involved in water purification, it was considered 
advisable to determine more completely and more accurately the op­
timum conditions for the precipitation of aluminum as the hydroxide. 
Although pH determinations show a zone of optimum conditions, the 
zone is not definitely delimited by those determinations alone. A some­
what different laboratory method was therefore adopted, the plan being 
(1) to determine under carefully controlled conditions the solubilities 
of aluminum hydroxide through a wide range of hydrogen-ion concen­
trations, and (2) to discover the optimum conditions for color removal 
and their relation to the "isoelectric point." 
Since this procedure was one which would involve considerable 
labor, a field survey of various filter plants in the State of Illinois was 
first made, with special attention to residual alum, in order to estimate 
the possible practical value of more exact information concerning the 
optimum conditions for formation of alum floc. On completion of the 
laboratory experiments, another field survey was made to obtain a sec­
ond set of data under different weather conditions. 
REACTIONS IN COAGULATING BASINS. 
The chemical reactions taking place during coagulation have from 
time to time been represented in textbooks and technical journals by 
various styles of chemical equations. All of these show, in the main, 
that 8 parts per million of alkalinity (as CaC03) will react with 1 grain 
per gallon of filter alum, forming aluminum hydroxide, although it is 
very well known that none of these reactions go to completion, for most 
of them are reversible, each depending for its final equilibrium upon all 
the others. 
* From a thesis submitted July, 1923, by Gail Philips Edwards in par t ia l fulfill­
ment of the requirements for the degree of Doctor of Philosophy in Chemistry in the 
Graduate School of the University of Illinois. P a r t of this work was reported under 
the tit le of "Some Facts about Residual Alum in Filtered Water," in Chem. Met. Eng. 
Vol. 26, No. 18, May 3, 1922. A report of the complete results was read before the 
Water, Sewage, and Sanitat ion Section of the American Chemical Society. Milwaukee, 
Sept., 1923. 
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Such complex systems may be best represented graphically by the method 
used by Smith (103), as shown in Fig. 1.* Here the heavy arrows indicate 
the direction of the predominating reactions, and the light arrows point 
toward substances that are present in relatively small amounts. (Numerical 
coefficients such as are used in "balancing" ordinary chemical equations have 
been omitted to avoid complicating the diagram.) It should be recalled in 
this connection that any secondary reaction which tends to remove a pro­
duct of a primary reaction will increase the amount of the primary reaction 
in the direction of the removed product. 
This formulation shows the interdependence of these reactions. It also 
emphasizes that in each of these equilibria the hydrogen ion plays a part, 
either directly or through its reciprocal relation to the hydroxl ion, and that 
these reactions are not dependent upon titratable alkalinity alone. The 
relation between alum and alkalinity is shown here as in other representa­
tions, but it also appears that the loss of C02 with the precipitation of CaC03 
may cause a decrease in the alkalinity, and that the addition of lime may 
*Editor's Note:—The formula Al(OH)3 is used here to avoid unnecessarily com­plicating the diagram. As is pointed out later, this is probably not the composition of 
the precipitate. The diagram is intended only to bring out the inter-relations of the 
reactions and their dependence upon the hydrogen-ion concentration. 
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thus cause a net decrease in the alkalinity due to this same precipitation of 
CaCO3. On the other hand, the formation of collodial aluminum hydroxide* 
instead of the precipitate would tend to offset the decrease in alkalinity. 
It will be observed that the substances H + , A1O3H2—, Al (OH)3, A1+ + + 
and OH— form a cycle. The reactions may be made to take place in either 
direction around this cycle, depending upon the concentrations employed. 
Suppose, starting with these substances in equilibrium, we decrease the 
hydrogen-ion concentration; more water will be ionized by the reaction from 
H2O in the direction of the light arrow, and this will increase the amount 
of OH— present, thereby causing the reaction to go in the direction of 
Al(OH)3 and removing some of the A1+ + + from the solution. If the 
hydrogen-ion concentration is depressed low enough, reaction will take place 
to an appreciable extent counter-clockwise, in the direction of the light 
arrow from Al(OH)3, forming some aluminate ion, A1O3H2—, with the side 
reaction forming some Ca(A1O3H2)2, calcium aluminate written in the hy-
drated form. If the hydrogen-ion concentration is now increased, the re­
action will be turned in a clockwise direction, and aluminum will be pre­
cipitated; if, however, the hydrogen-ion concentration is raised high enough, 
the aluminum will be redissolved as A1+ + + from Al(OH)3. 
In addition to the factors already mentioned, the alkalinity may be de­
creased by (a) removal of colloidal iron and aluminum hydroxide and car­
bonates, (b) removal of alkaline turbidity, (c) titration error caused by 
absorption of acid on colloids during titration (see Pirnie (88)) or (d) use 
of excessively acid alum. On the other hand, the decrease in alkalinity may 
be counteracted by (a) use of basic alum, (b) precipitation of basic aluminum 
sulfate instead of aluminum hydroxide, or (c) re-solution of CaCO3 previously 
deposited on the sand.* 
These are six ways in which Al(OH)3 may ionize, depending upon the 
presence of various amounts of acid or alkali. The acid dissociation may be 
The basic dissociations may be 
It is possible for any of these ions to be in solution. It is apparent, how­
ever, that between the action of acids and bases producing these two types 
of dissociation, there must be a hydrogen-ion concentration where there is a 
minimum of ionization. This hydrogen-ion concentration may be called the 
"isoelectric point". Here probably two of the above equilibria would express 
* Editor 's Note :—"Aluminum hydroxide" is here used according to the practice 
current at the time th i s par t of the work was done. The formation of basic aluminum 
sulfate and possibly other compounds in the course of alum precipitation was then only 
suspected. Experiments with alum as an aid in the operation of a water-softening 
p lant (see page 95) indicate t ha t there is some colloidal CaCO3 formed. The graph 
should be revised, then, by inserting colloidal CaCO3 between the calcium ion and the 
precipitated calcium carbonate. If basic aluminum carbonate is formed, the equilibrium 
diagram should be sti l l further altered. 
* Edi tor ' s N o t e : — B a y l i s (8) has pointed out t h a t badly incrusted sand grains may 
show a base exchange comparable to the action of zeolites. 
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the conditions present in the solution. Under present methods of analysis 
there is no way of calculating the amount or kind of a luminum ion in solu­
tion at tha t point. 
These complications have been the cause of much difficulty in investiga­
tions of the solubility of a luminum hydroxide. 
HISTORICAL ITEMS. 
In 1908, Wood (129) found tha t when powdered a luminum was added to 
a solution of sodium hydroxide, sodium meta luminate was formed together 
with a l i t t le aluminum hydroxide. On heating, th is sodium metaluminate 
decomposed much more rapidly unti l equilibrium was established, the molar 
ratio of sodium hydroxide to a luminum hydroxide left in solution having 
increased from 2.28 to 3.63. Considering the solubility of a luminum hy­
droxide to be too small to permit direct determinat ion, Wood equated the 
results of two equilibrium experiments and thus obtained a theoretical value 
for the solubility of metaluminic acid; from that , he calculated the value of 
the acid dissociation constant to be 0.0188 and the value of the acid solubility 
product to be 6.3 X 10— l 3 . Recalculating Wood's data, Slade (102) found the 
solubility product to be 0.37 X 10 —14, which was very near the value 
(0.11 X 10—1 4) that Slade obtained from data of Russ (96). 
Heyrovsky (47), from the results of experiments in which he gradual ly 
neutralized sodium hydroxide by the addition of weighed amounts" of alum­
inum sulfate, calculated the solubility product as 35 X 1 0 — 1 4 at 25°C. 
Mortensen (82) at tempted the determinat ion of the "isoelectric point" 
by settling experiments. He placed solutions of a l u m i n u m sulfate in Imhoff 
cones, precipitated them with various kinds and amoun t s of alkali , and 
allowed them to settle. His results showed that the point at which he ob­
tained maximum volume of precipitate varied with the alkali used. He 
claimed precipitat ion was complete for lime at pH 6.6, NaOH at pH 6.8, and 
Na2CO3 at pH 7.4. 
The "isoelectric point" was determined as pH 7.0 to 7.1 by Ellms and 
Marshall (30) . They concluded tha t the amount of a luminum sulfate neces­
sary to b r ing about the opt imum conditions for precipi tat ion was consider­
ably in excess of the amount required to effect good clarification and, conse­
quently, entailed an expense not war ran ted by the resul t s obtained in the i r 
experimental work. Even a higher hydrogen-ion concentration has been 
calculated by Theriault and Clark (112). From known acidic and basic dis­
sociation constants of a luminum hydroxide, they obtained an "isoelectric 
point" corresponding to pH 5.49. This value was checked by results of the i r 
experiments on the period of t ime required for the first appearance of t he 
floc. The floc which formed most quickly in any series was invariably the 
best as far as appearance, rapid settl ing, and abundance were concerned. 
Optimum" conditions for formation of floc were found wi thin a narrow zone 
of hydrogen-ion concentrations centered for dilute solutions at pH 5.5. The 
less total sa l t s in solution and the less a lum added, the nar rower became the i r 
pH zone.* 
* Edi tor ' s Note:—Cf. Miller (79). 
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Baylis (6) found best clarification at pH 5.5. A series of gravimetric 
determinations showed a minimum amount of residual alumina from pH 5.7 
to 6.5. He reported that at the Montebello Filters, Baltimore, sulfuric acid 
was added to the water to increase the hydrogen-ion concentration to a point 
favorable to the precipitation of alum. The addition of acid permitted a 
decrease in the amount of alum needed, which would mean a net saving of 
$55 per 100 million gallons of water treated, or $12,000 for 6½ months. 
Hatfield (45) reported the results on a series of experiments in many 
ways very similar to those of Theriault and Clark. He determined the time 
required for appearance of floc in water from Lake St. Clairie, Michigan. 
The results showed an apparent "isoelectric point" at pH 6.1. Gravimetric 
determinations of residual alumina showed that the effluents were practically 
free from all the aluminum added as alum between pH 5.0 and 7.5. Earlier 
experiments by Hatfield (43) had indicated most complete precipitation at 
pH 7.2--7.3. 
Two articles have recently appeared by Wolman and Hannan (127 and 
128) which furnish a very complete review of the current scientific literature 
having a bearing on the alum-precipitation question. These authors in their 
experimental part confirmed the statements of Blum (11), Mahin (72) and 
others to the effect that aluminum hydroxide is appreciably soluble at a pH 
value of 8 or more, probably existing as the acid ion. They further showed 
that, by acidifying their reaction mixture as Blum did to a pH value of 
about 7, a more complete precipitation was effected. Pirnie (88) has dis­
cussed the colloid chemistry of water purification and the relation between 
alkalinity and coagulation, and Eddy (26) has presented the possible appli­
cations of hydrogen-ion determinations to filter-plant control. 
The data described in the following pages were collected from two 
field surveys and a program of laboratory work to determine the solu-
bility of aluminum hydroxide through a wide range of hydrogen-ion 
concentrations and to discover the optimum conditions for color re­
moval and their relation to the "isoelectric point." 
METHODS OF ANALYSIS. 
During the field surveys, the determinations of alkalinity, free 
carbon dioxide, and hydrogen-ion concentration were made at the vari­
ous plants; and samples were shipped to the laboratory for the deter­
mination of aluminum and iron. The determination of alkalinity and 
free carbon dioxide were made according to Standard Methods of 
Wate r Analysis (109) . Hydrogen-ion concentrations were determined 
by the use of Clark's indicators and buffers (18) . 
The aluminum determination was made gravimetrically. A two-
liter sample was evaporated to dryness, and the residue was taken up 
in hydrochloric acid, separated from silica by filtration, and precipitated 
with ammonium hydroxide according to Blum's method ( 1 2 ) . All 
evaporations were made in palau or platinum dishes. The silica was 
ignited and volatilized with hydrofluoric acid. To prevent the loss of 
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any alumina which might have been filtered off with silica, the precipi­
tate obtained with ammonium hydroxide was added to the non-volatile 
residue. The ignited precipitate was considered as A12O3, Fe 2O 3 and 
P 2 O 5 .* Iron was determined colorimetrically according to Standard 
Methods, and phosphate was estimated colorimetrically by a method 
given by Deniges (24) , which is briefly as follows: If an acid solution 
of stannous chloride and an acid solution of ammonium molybdate a re 
added to water containing small amounts of phosphate, a blue color is 
produced, the intensity of which varies with the amount of phosphate 
present. These colors may be compared with colors produced with 
standard phosphate solutions. Aluminum was then calculated by sub­
tracting the iron and phosphate from the total residue. 
The use of hematoxylin as an indicator changing color with the hydrogen-
ion concentration is described by Abderhalden (1), Richter (94), Prideaux 
(91), and others. Its use in the determination of aluminum is possible only 
in a buffered solution. Buffering may be accomplished in a measure by 
blowing breath (C02) into the solution or by acidifying with acetic acid as 
recommended by Richards (93). However, hematoxylin gives various colors 
with most of the heavy metals. Using it, Morison (81) found that "a red 
color was given by the raw water and by a water completely clarified by a 
dose of alum just sufficient;" and Wolman and Hannan (127) state that 
treated water "showed the usual alumina blue changing to brown with acetic 
acid." Richards states, moreover, that the test may be made only in an acid 
solution in order to avoid the color produced by the alkaline earths. In view 
of these discrepancies in the literature, the hematoxylin test was not used.* 
Since aluminum sulfate is not easily purified by crystalization from 
water, it was decided to use one of the alum's for the laboratory experi­
ments on residual alumina. Potassium alum (A1 2 (SO 4 ) 3 . K 2 SO 4 . 
2 4 H 2 O ) was tried first. A quantity of it was recrystallized three times 
from distilled water. Solutions of the purified potassium alum were 
treated with varying amounts of tenth-normal sodium hydroxide and 
allowed to stand two days. T h e precipitates were then filtered, ignited 
and weighed. The results, however, were not consistent, probably on 
account of the amounts of sodium and potassium sulfates adsorbed. 
To eliminate the error due to absorption, it seemed best to use materials 
which upon ignition would give only A12O3. A quantity of ammonium alum 
(A12(SO4)3 . (NH4)2SO4 24H2O) was purified by three crystallizations to take 
the place of the potassium alum. Freshly distilled diethylamine was used 
to replace the sodium hydroxide. Even with larger volumes of sample, the 
* Edi tor ' s Note :—The symbol P2O5 is here used arbi t rar i ly as t h e most convenient 
way to represent t h e phosphorous compound which is one of the const i tuents of th i s 
total residue. For further discussion of the method of Deniges, see below pp. 82.85. 
* Edi tor ' s Note :—Subsequent work by Hatfield (44) overcomes some of these 
objections, but it was done on one p l an t under uniform conditions which permitted the 
determinat ion of relative values of residual alum. For the determinat ion of absolute 
values, under varying conditions of p lant operation, a gravimetric method is obviously 
to be preferred. See below, pp. 83-85. 
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results were still too high, although the precipitates were heated in palau 
crucibles on a blast lamp for two hours, to make sure that all volatile matter 
had been driven off. 
Since satisfactory results could not be obtained from weights of the 
precipitated alumina, possibly because of the formation of basic salts, the 
alternative was to work with the supernatant liquids. Solutions of the puri­
fied ammonium alum were precipitated with varying amounts of ammonium 
carbonate, ammonium hydroxide and acetic acid. After standing two days, 
the liquids were passed through a Berkefeld filter. The aluminum hydroxide 
in the filtrate was precipitated according to Blum's method. The amounts of 
alumina obtained were unreasonably high and inconsistent. For such deter­
minations as this, filtration is at best a rather uncertain thing, for the filters 
tend to absorb substances from solution, thus changing the hydrogen-ion 
concentration, and usually the size of the pore is not definitely known. 
If any method of filtration were suitable for this work, the ultra-filter 
would seem to show the most promise of success, since the pores in the mem­
branes can be fairly closely regulated and measured. As an alternate, the 
Sharpies Laboratory centrifuge was considered a possible means of separat­
ing completely the solid phase from the liquid. To make a comparison be­
tween results obtainable from the centrifuge and from the ultra-filter, two 
liters of ammonium alum solution in concentration of about ten grains per 
gallon was precipitated and allowed to stand two days. The pH value was 
found to be 6.2. The sample was divided and one liter was passed through 
the centrifuge twice while it was rotating at a speed of 26,000 to 30,000 revo­
lutions per minute. The other liter was passed through the ultra-filter with 
about fifty pounds air pressure. The membrane for the filter was made by 
immersing a filter paper in 7% collodion solution. The effluent frpm the 
centrifuge appeared to show a heavier Tyndall cone effect, although actually 
the amount of alumina found to be present was slightly less than that found 
in the sample which passed through the ultra-filter. There was .56 milli­
grams per liter of A12O3 found in the effluent from the centrifuge and 68 
milligrams per liter found in the ultra-filter effluent. Neither of these methods 
proved very satisfactory. 
Settling experiments seemed more promising. Solutions of ammonium 
alum were precipitated with diethylamine, pyridine or ammonium carbonate. 
These were stirred for various periods of time and allowed to settle. Samples 
precipitated with pyridine and diethylamine settled neither as rapidly nor 
as completely as those precipitated with ammonium carbonate. The organic 
compounds seemed to make the floc light and feathery. The addition of 
silica to the samples before precipitating did not increase the rapidity with 
which they settled. 
The most satisfactory method was found to be as follows: Solu­
tions of ammonium alum in concentration of about ten grains per gal­
lon were placed in a good grade of flint-glass bottles with glass stoppers. 
The aluminum was precipitated by adjusting the hydrogen-ion concen­
tration with various amounts of ammonium carbonate and acetic acid. 
The solutions were shaken two hours and allowed to stand four weeks. 
This period of time assured establishment of equilibrium and produced 
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a supernatant liquid which was free from any Tyndall cone effect. 
Two-liter samples were siphoned off, great care being taken not to dis­
turb the precipitate. Determinations of hydrogen-ion concentrations 
were made by means of a Leeds and Northrup simplified potentiometer. 
The residue from! the two-liter samples was taken up in hydrochloric 
acid and filtered to remove silica dissolved from the glass. The alum­
inum was precipitated with ammonium hydroxide. After a prelimin­
ary ignition. the precipitate was treated with hydrofluoric acid to re­
move any silica present, as recommended by Hillebrand (49). The 
residue was ignited and weighed as A12O3. The data will be discussed 
in connection with Table III . 
RESULTS OF FIELD SURVEYS. 
The preliminary field survey, made during the summer and early 
autumn of 1921, in order to estimate the practical value of the problem, 
included visits to more than twenty filter plants in different parts of 
Illinois. In the spring of 1923, after the bulk of the laboratory experi­
ments had been completed, it seemed advisable to make another field 
survey to get data under different weather conditions. Plants not vis­
ited in the previous work were included in this second survey. Im­
provements in technic probably make the latter results the more reliable. 
On account of irregularities in operation at the time of visit, a few of 
the results of both series had to be discarded; it is believed, however, 
that the data may be taken as truly representative of operating condi­
tions throughout the state. 
Towns visited are listed in Tables I and II in the order of decreas­
ing pH values in the effluents. Columns at the right in these tables 
show how the observed decrease in alkalinity due to the addition of 
alum differs from that calculated. In the first survey (Table I ) , four 
of the nineteen plants studied (2, 10, 13, 14) showed a decrease in al­
kalinity of 8 ppm. for each grain of alum used per gallon of water, 
which is the decrease usually expected. At nine plants (1, 7, 9, 12, 15, 
17, 18, 19, 20) the decrease in alkalinity was greater than that calcu­
lated; this group includes, as would be anticipated, the three plants at 
which lime as well as alum was added. At six plants the decrease was 
less than calculated. In this second survey (Table I I ) , of the twenty-
two plants visited, three (3, 5, 22) showed the theoretical decrease, 
twelve (1, 2, 8, 9, 10, 11, 13, 15, 17, 18, 19, 20) showed a decrease 
greater than theoretical, and seven (4, 6, 7, 12, 14, 16, 21) showed a 
decrease less than theoretical. The factors tending to produce devia­
tions from theoretical values have already been discussed (see above, 
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p. 51). Further investigation would be required in order to account 
quantitative!}' for the part played by each factor. 
Tables I and II also show the extent to which alumina is present 
in the effluents of filter plants visited. In addition to the description of 
method given above, it should be stated that in all cases except No. 2 
in Table I, the raw water was filtered through Whatman No. 50 filter 
paper before making the aluminum determination. Since a comparison 
was to be made of the aluminum in solution or in a fine colloidal state 
in the raw and treated waters, it seemed best to exclude the filterable 
turbidity. The data on No. 2 in Table I indicate what results might 
have been without the adoption of this procedure. Nos. 12 and 17 of 
Table Iand Nos. 1, 16, and 28 of Table II are excluded from: consider­
ation since they showed turbidities over 20 in the filtered waters. Only 
in seven cases, four of which have been explained, does the alumina in 
the effluent exceed 2.22 mg. per liter (approximately ⅛ of a grain per 
gallon) ; furthermore, in more than half the cases, the alumina is dis­
tinctly less in the effluent than in the raw water. It should also be noted 
that, although a fairly wide range of pH value is exhibited by these 
waters, in no case does the alumina in the effluent reach zero. From 
our knowledge of the individual plants and their operators, we feel that 
these traces of residual alum cannot be attributed to faulty operation. 
From the above data it appears that, with reasonably good opera­
tion, the amounts of residual alum occurring in filter-plant effluents in 
Illinois are not such as to be cause for alarm. Whether or not the con-
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condition of the residual alum is such that it is more subject to subse­
quent deposition or adsorption, is a question for further study. 
The residual alum values and the pH values are plotted as coordi­
nates of points in Fig. 2. Although the points for the first field survey 
do not lie in a smooth curve, they show a distinct trend toward a mini­
mum of residual alum at a point near pH 6. This is considerably more 
acid than any value previously reported; it is however, the first value 
to be determined gravimetrically under operating conditions. The val­
ues obtained from the second field survey are more consistent, possibly 
on account of improvements in technique. They show minimum resi­
dual alum between pH 6.0 and 7.8 as is easily seen from Fig. 2. The 
values fall into a fairly smooth curve, as smooth as could be expected 
considering the fact that samples were collected under widely varying 
condition. Difference in chemical composition of the raw water and 
even only temporary faulty operation would influence the results. 
Moreover, it is probable that a filter just before washing would yield 
results different from those just after washing. Data collected from 
one plant operated uniformly for a long period of time should give still 
more consistent results. A glance at Fig. 3 will show that points repre­
senting the alumina in raw waters are not arranged in any definite or­
der with respect to pH values but are distributed very widely. 
In addition to the raw and filtered samples, waters which had been 
coagulated but not filtered were collected from 19 of the plants visited 
on the second survey. These samples were also filtered through What­
man No. 50 filter paper before making the alumina determinations. 
The results (Fig. 4) show minimum A12O3 between pH 6.0 and 7.9. 
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RESULTS OF LABORATORY EXPERIMENTS. 
In order to obtain more exact data as to the solubility of aluminum 
hydroxide, laboratory experiments were conducted under conditions 
which could be more easily controlled and duplicated. The amounts of 
alumina left in solution from pH 4.8 to 8.8, determined by the method 
explained above, are shown in Table III. From Fig. 5 it is clear that 
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under laboratory conditions there is a broad zone ( p H 5.5 to 7.8) in 
which amounts of residual alumina are very small. 
Some high results are inevitable as long as the liquid is separated 
from the solid phase in the manner used. In siphoning, a few very 
small particles of floc could be carried over without detection. Gen­
erally, however, the separation was quite complete, and the results are 
fairly consistent. Although the amounts of residual alumina in Fig. 5 
are slightly lower than those in Fig. 2, it is to be noted that the pH zone 
of maximum precipitation under experimental conditions includes the 
zone of minimum values for residual alum obtained in the two field 
surveys. These zones also coincide generally with the values reported 
by Hatfield (45) and by Baylis (6) for plant operation. 
Table IV is made up of data selected from Table III for the calculation 
of the base solubility product Kbs = [Al(OH)2+ ] X [OH—]. A value of ap­
proximately 3 X 10 —14 is thus obtained for Kbs. This is a much higher value 
than that obtained by Heyrovsky, 1 X 10—33, when working with aluminum 
chloride at pH 3.0 — 4.0 and assuming the aluminum ion (A1+ + + ) to be 
present (47). Being based upon more probable ionizations and calculated 
from gravimetric determinations of alumina within the zone of minimum 
solubility, this new value is believed to be more nearly correct than that of 
Heyrovsky, which was obtained by indirect methods. 
Table V, similarly, is made up of data selected from Table III for the 
calculation of the acid solubility product according to the equation Kas = 
[Al(OH)2O—] X [ H + ] . The results lie between the value given by Hey­
rovsky (35. X 10—14) and that given by Slade (0.37 x 10—14) (102). The 
average of these results gives approximately 1 X 10—13 for the value of Kas. 
It should be noted that these calculations are based upon the assumption of 
the primary ionization of aluminum hydroxide. Secondary and tertiary 
ionizations are also possible, as was pointed out above (see page 51). 
In calculating a provisional pH value for the "isoelectric point", Theri-
aut and Clark (112) used the equation [H + ] = where Kas = 
the a   id solubility product of Al(OH) 3, and Kbs = the base solubility product 
of Al(OH)3. 
Their calculations were based upon the assumptions made by Heyrovsky 
that Al(OH)3 ionized to give Al(OH)2O— and A1+ + + at the "isoelectric 
point," and that [Al(OH2O—] = 3[A1+ + + ]. His assumptions can hardly 
be adopted in this case, however, for he worked with aluminum chloride in 
acid solutions (pH 3—4), determined the chloride ion and not the aluminate 
ion, and neglected the hydrolysis, as it did not exceed 3.8%. Theriault and 
Clark were working with aluminum hydroxide at considerably lower hydro­
gen-ion concentrations (pH 5—6), where hydrolysis should be nearly com­
plete. It is doubtful if all their assumptions are consistent with the defini­
tion of the "isoelectric point". Moreover, the applicability of the solubility 
product in such calculations is open to question. 
It is also possible that Heyrovsky had basic aluminum chloride or some­
thing other than aluminum hydroxide. Recently, Clark and Miller (19) 
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have found that the precipitate formed at pH 5.6 contained basic a luminum 
sulfate. This is in agreement with quali tat ive tests of our own showing 
considerable amounts of phosphate and silicate in the floc precipitated when 
alkali is added to solutions of a luminum salts containing sulfate or silicate 
anion. The fact tha t the precipitate is not at all properly represented by 
Al (OH) 3 but is probably a mixture of a luminum hyroxide and various basic 
salts, renders all calculations of the "isoelectric point" useless. 
If we were justified in assuming A l ( O H ) 3 as the composition of the a lum 
floc, we could obtain other expressions for the value of [H + ] depending 
upon the ionization assumed. If the pr imary ionization took place: 
then at the "isoelectric point" the following equation would be fulfilled: 
[Al(OH) 2O—] = [ A l ( O H ) 2 + ] 
Using Theriault and Clark's method of calculation, we would have 
[H + ] 
Subst i tut ing in this expression the value Kbs = 2.9 X 10— 1 4 (from Table 
IV) and the value Kas = 10.4 X 10—" (from Table V) would give pH = 6.72 
for the "isoelectric point." This is approximately in the middle of the zone 
of minimum solubility as defined by our experimental data (see Fig. 5 ) . 
However, we a t t ach no importance to this agreement , for it is undoubtedly 
a coincidence. Assuming other possible ionizations, we would get eight 
other expressions by Theriault and Clark's method of calculation, whiich 
would give eight different pH values for the "isoelectric point." The ioniza­
tions from which these expressions may be calculated are all possible, and 
some are even more probable than those assumed by Ther iau l t and Clark. 
But such calculations are useless, in view of the improbability that the 
concept of the "isoelectric point" is applicable in the case of a lum floc. 
COLOR REMOVAL. 
Recognition of the importance of colloids in water purification began 
when Biltz and Krohnke (9) showed tha t part of the organic mat te r in water 
was negatively charged colloidal mat ter . S. Rideal and E. K. Rideal (95) 
described the general properties of colloids in relation to water , and Catlett 
(13) and Saville (98) intensively investigated the colloidal na tu re of the 
color in certain waters . Catlett carried on experiments at Wilmington, 
N. C, where the water supply is obtained just below the junction of two 
rivers, one of high color and the other of high turbidity. He demonstrated 
tha t some colloids are precipitated by other colloids of opposite charge and 
by soluble crystalloids, such as a luminum sulfate, which yield ions of oppo­
site charge. Thus positively charged particles of "color" are precipitated by 
negatively charged particles of " turbidi ty". 
Loeb (66, 67) compared the behavior of a luminum hydroxide and that of 
the amphoteric colloid gelatin. According to his theory and considering 
a lum floc to be (Al(OH) 3 , if the "isoelectric point" of a dye should corres­
pond to that of a luminum hydroxide, and if the ionization constants of the 
one were about equal to those of the other, there could be no action between 
them at any hydrogen-ion concentrat ion; because they would always be 
similarly charged. Suppose, however, tha t the isoelectric point of a dye is 
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pH 4.5 and that the "isoelectric point" of Al(OH)3 is pH 6.0; then, from pH 
4.5 to 6.0 there would be color removal, but below pH 4.5 and above pH 6.0 
the dye and the Al(OH)3 would not react, for both would have the same 
charge. This argument, of course, rests on the belief that alum floc has a 
positive charge, and this charge is accounted for by: (1) positive ionization 
of aluminum aluminate, which may be one of the forms in which alumina is 
found in water; (2) hydration of gel form, splitting off an (OH—) and 
leaving a positive residue; (3) absorption of (A1+ + + ) or (H+) on the floc. 
In an attempt to determine the optimum pH for color removal, ex­
periments were carried out in the following manner: Tubes were set 
up containing dilute solutions (approximately 0.1%) of ammonium 
alum buffered with ammonium carbonate and acetic acid so as to give 
a pH range of 5-8. Equal amounts of a dye solution or a colored in­
fusion were then added to these tubes. After being thoroughly shaken, 
the tubes were centrifuged to remove the precipate. The pH values 
were determined potentiometrically. The amount of dye remaining in 
the supernatant liquid was estimated by matching the color against 
tubes containing known amounts of the dye used; in cases where tea 
or pine-needle infusions were used, the residual color was matched 
against the ordinary color standards used in water analysis. 
Solutions of malachite green, acid fuchsin, and basic fuchsin 
were practically unaffected by this treatment. The data on congo red 
(Table VI) are not consistent enough to be of definite significance. 
The results for alizarin red S and azolitmin, however, as given in 
Tables VII and VIII, show marked color removal within a rather wide 
range of pH values (from pH 5.4 to 8.0). Similarly, infusions of tea 
leaves and pine needles were decolorized, as shown in Tables IX and 
X. 
It should be remembered in this connection that azolitmin changes 
color from pH 4.5 to 8.3, and that alizarin red S changes color from 
pH 5.0 to 6.8. Within these ranges we would expect their "isoelectric 
points", at which color removal should be impossible according to 
Loeb's theory. But maximum color removal by alum floc takes place 
near pH 6.0, which is in the zone of minimum solubility where the "iso­
electric point" of aluminum hydroxide is by Loeb's theory assumed to 
be located. Therefore, it appears that the behavior of aluminum hy­
droxide is not parallel to that of the amphoteric colloid gelatin. The 
facts lead to the conclusion that color removal by alum floc is a process 
of. adsorption*. 
* EDITOR'S NOTE :—Recent work by Miller (79 and 79a) throws further light on the proper­
ties of alum floc and its role in color removal. 
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SUMMARY. 
The chemistry of the alum coagulation process is represented by 
a diagram which emphasizes both the interdependence of the various 
equilibria involved and the importance of the hydrogen-ion concentra­
tion. 
In general, less dissolved alumina is found in the effluent from fil­
ter plants than in the raw water. The amount of alumina in the efflu­
ent seldom exceeds two milligrams per liter (less than one-eighth a 
grain per gallon). 
Alkalinity changes of water during treatment in filtration plants do 
not check the theoretical changes as ordinarily calculated. Various 
reasons for these discrepancies are discussed. 
Data from field surveys indicate minimum residual alum between 
pH 6.0 and 7.8. 
Laboratory results indicate minimum solubility of alumina from 
pH S.S to 7.8. 
The base solubility product of aluminum hydroxide is calculated 
to be approximately 3 X 10-14. 
The acid solubility product of aluminum hydroxide is calculated to 
be approximately 1 X 10-13. 
Maximum removal of color from certain dye solutions and tea in­
fusions by alum floc is obtained within the pH zone of minimum solu­
bility of alumina. 
TABLE I. 
SUMMARY OF DATA OBTAINED ON FIRST FIELD SURVEY. 
July 22—Sept. 23, 1921. 
* NOTE: None of these samples showed phenolphthalein alkalinity except the following: No. 2, 5ppm; No. 3, 16ppm; 





































































































































Gr. per gal. 
0.75 alum 
0.75 lime 















2.0 a lum 
2.0 alum 
1.5 a lum 
0.4 a lum 
0.5 l ime 
2.1 a lum 














































































































































































































































































SUMMARY OF D A T A O B T A I N E D 











































































































































































































































































































































*Note—None of these samples showed phenolphthalein alkalinity except the 
following: No. 5, 8 ppm.; No. 6, 14ppm.; No. 7, 8 ppm.; No. 8, 20 ppm.; and 
No. 15, 6 ppm. 
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II. 
ON SECOND FIELD SURVEY 



















































































































































































































































†Note—None of these samples showed phenolphthalein alkalinity except the 
following: No. 2, 6 ppm.: No. 3, 2 ppm. 
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TABLE I I I . 
AMOUNTS OF RESIDUAL ALUMINA IN LABORATORY EXPERIMENTS. 
Milligrams per liter. 
pH 1 2 3 4 Average 
4.8 4.84 4.84 
4.9 6.83 6.83 
5.0 2.92 2.92 
5.1 5.00 2.76 3.88 
5.2 2.31 1.75' 2.03 
5.3 0.42 0.42 0.42 
5.5 0.08 0.21 0.00 0.10 
5.6 0.22 0.46 0.34 
5.8 0.12 0.16 0.14 
5.9 0.19 0.19 
6.0 0.25 0.25 
6.1 0.35 0.35 0.11 0.27 
6.2 0.00 0.00 
6.4 0.19 0.66 0.42 
6.5 0.00 0.00 
6.6 0.00 0.07 0.04 
6.8 0.00 0.26 0.00 0.05 .0.08 
6.9 0.00 0.00 
7.0 0.00 0.15 0.08 
7.0 0.27 0.27 
7.1 0.73 0.29 0.51 
7.2 0.08 0.05 0.06 
7.4 0.22 0.14 0.01 0.12 
7.6 0.115 0.35 0.23 
7.7 0.32 0.32 
7.8 0.035 0.485 0.26 
7.9 0.00 0.00 
8.0 0.53 0.46 0.49 
8.1 0.70 0.55 2.57 2.54 
8.4 1.15 1.63 1.39 
8.6 1.85 0.745 1.985 1.19 
8.8 4.18 4.18 
TABLE IV. 
BASE SOLUBILITY PRODUCT OF AI(OH)8. 
Calculated from Experimental Data. 
Molar 
pH Al (OH) 3 [ O H — ] concentrat ion Solubility Product 
mg. per l i ter [ A l ( O H ) 2 + ] K b s = [ A l ( O H ) 2 + ] X [ O H — ] 
5.0 4.47 1 X 10—9 5.7 X 10—5 . 5.7 X 1 0 — 1 4 
5.2 2.68 1.6 X 10—9 3.4 X 10—5 5.44 X 1 0 — 1 4 
5.3 .64 2.0 X 10—9 .82X10—5 1.64X10—14 
5.5 .34 3.2X10—9 .43 X 1 0 — 5 1.38X10—14 
5.5 .70 3 ,2x10—9 .9 X 1 0 — 5 2 .88X10—14 
5.8 .24 6.3X10—9 .3 X 1 0 — 5 1.89X10—14 
5.8 .18 6.3X10—9 . 2 3 x 1 0 — 5 1.35X10—14 
Average = 2.9 X 10 —14 
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ACID SOLUBILITY PRODUCT OF 
Calculated from Experimental 










l i ter 
2.0 X10—8 
1.0 X 10—8 
1.0 X10—8 
0.8 X10—8 









[Al(OH)2O—] K a s = [ A l ( O H 2 0 — ] X [ H + ] 
6.2 X 10—6 
10.4 X 10—6 
8.97 X 10—6 
13.7 X 10—6 
22.5 X 10—6 
31.9 X 10—6 
36.2 X 10—6 
38.8 X 10—6 
12.4 X 1 0 - 1 4 
10.4 . X 1 0 - 1 4 
8.97X10—14 
10.96X10—14 




Average = 10.4 XlO—14 
T A B L E V I . 
D E C O L O R I Z A T I O N OF 0.002% CONGO RED S O L U T I O N . 
By Ammonia Alum Solution (approximately 0.1%) Buffered Wi th Ammonium 
Carbonate and Acetic Acid, Residual Color Being Expressed 















































































TABLE V I I . 
DECOLORIZATION OF 0.001% SOLUTION OF ALIZARIN RED S. 
By Ammonia Alum Solution (approximately 0.1%) Buffered With Ammonium 
Carbonate and Acetic Acid, Residual Color Being Expressed 
in cc. of 0.002% Solution of the Dye. 
pH 1 2 3 4 5 6 
4.8 .25 .5 .25 
5.0 .06 .06 .30 .06 .15 
5.2 .10 .03 .02 .08 .10 .13 
5.4 .01 .03 .001 .07 
5.6 .005 
5.8 .01 .01 
6.0 .01 .01 .000 .005 .03 
6.2 .01 .01 .01 .01 .07 
6.4 .01 .01 .01 .005 .01 .05 
6.6 .01 .01 .01 
6.8 .00 .03 .02 
7.0 .05 
7.4 .04 .06 
7.8 .08 .10 
8.0 .10 .08 
8.2 .20 .10 
8.4 .20 
8.6 .06 .10 1.0 
TABLE V I I I . 
DECOLORIZATION OF 0.005% AZOLITMIN SOLUTION. 
By Ammonia Alum Solution (approximately 0.1%) Buffered With Ammonium 
Carbonate and Acetic Acid, Residual Color Being Expressed 






























































DECOLORIZATION OF PINE-NEEDLE INFUSION. 
By Ammonia Alum Solution (approximately 0.1%) Buffered With Ammonium 
Carbonate and Acetic Acid, Residual Color Being Expressed 
in Units Used in Water Analysis. 
In i t ia l In i t ia l In i t ia l In i t ia l 
Color Color Color Color 



















































DECOLORIZATION OF ORANGE PEKOE TEA INFUSION. 
By ammonium alum solution (approximately 0.1%) buffered with am-
monium carbonate and acetic acid, residual color being expressed in units 
of the platinum-cobalt standards. 
In i t ia l Color 1000 1000 500 250 500 500 500 250 250 250 500 500 
PH 
4.9 250 150 250 70 150 140 100 150 200 150 150 
5.0 30 70 125 
5.1 100 150 125 
5.2 35 22 40 100 125 
5.3 30 30 300 50 30 100 
5.4 50 30 80 40 30 100 100 
5.5 50 20 20 15 
5.6 40 20 
5.7 25 250 35 35 150 
5.9 70 50 
6.0 40 30 
6.1 20 40 
6.2 100 300 
6.3 500 50 
6.4 20 20 250 150 
6.6 200 7 150 300 350 
6.8 500 35 350 150 
7.0 500 200 
7.2 200 200 
7.4 800 500 
7.6 800 55 
7.8 1000 
8.0 250 
8.2 600 600 
8.4 500 250 
PART THREE. 
STUDIES ON THE PRECIPITATION OF CALCIUM, MAGNES-
IUM, AND ALUMINUM. 
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STUDIES ON THE PRECIPITATION OF CALCIUM, MAGNE-
SIUM, AND ALUMINUM*. 
INTRODUCTION. 
The installation of an experimental filter plant on the banks of the 
Boneyard stream in Urbana afforded an opportunity to get data not 
possible to obtain on a filter plant furnishing potable water. This ex­
perimental plant was operated during the fall of 1923 and the spring of 
1924. During the winter, when weather conditions prevented opera­
tions, such laboratory work was done as would have a bearing on water 
filtration, including the analysis of samples taken at four filter plants 
in the State of Illinois. The Illinois Power and Light Corporation al­
lowed the writer to make some tests on the chemical reactions involved 
in the treatment of water at the plant in Danville, Illinois. This plant 
which is of the intermittent type and used the hot-process system, 
afforded an opportunity for studying the effect of heat in a commercial 
lime-soda softener. 
This investigation, therefore, includes three lines of work, each 
having a bearing on the process of water purification: 
(1) The solubility product of magnesium hydroxide has been 
determined with the aid of the hydrogen electrode. The common 
error of ignoring carbon dioxide in previous investigations is discussed, 
and methods are given for its exclusion. 
(2) Reactions in coagulating basins are studied with reference to 
(a) relation of hydrogen-ion concentration to alumina in the effluent, 
(b) alkalinity changes during filtration, and (c) composition of the floc. 
(3) The effect of temperature on the speed of reaction and on the 
final hardness was determined on a hot-process lime-soda softener. 
Effect of varying the dosage of chemicals on the speed of reaction at 
varied temperatures, effect of addition of alum, and effect of filtering 
are included. 
THE SOLUBILITY PRODUCT OF MAGNESIUM HYDROXIDE. 
According to Johnston (55), the values for the solubility of magnesium 
hydroxide as given by previous investigators (References 25, 46, 61, 69) were 
much too high because there was always some carbonate present. A sum-
*From a thesis submitted May, 1924, by W. U. Gallaher in part ia l fulfillment of 
the requirements for the degree of Doctor of Philosophy in Chemistry in the Graduate 
School of the University of Illinois. 
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mary is given in Table I. Greenfield and Buswell's (40) titration experi-
ments with the aid of the hydrogen electrode on very dilute magnesium 
solutions indicated that the value which had been considered most nearly 
correct (1.2 X 10—11) was probably too high,* and their experiments sug-
gested a method for obtaining a more nearly correct value. 
Since the solubility product (1.93 X 10—4) of magnesium carbonate 
(hence the solubility) is greater than the values considered most nearly 
correct for magnesium hydroxide, it is evident that the amount of magnesium 
present in a solution exposed to the air is greater than would be indicated by 
the consideration of the solubility product of magnesium hydroxide alone. 
Conductivity measurements made in open vessels are therefore erroneous. 
If a solution of magnesium salt such as magnesium sulfate is treated 
with sodium hydroxide, we have the following effects: 
Since magnesium hydroxide is very slightly soluble, it may be assumed to be 
completely dissociated in solution. If one can measure the concentrations 
of the hydroxyl ion and the magnesium ion, taking care to exclude all carbon 
dioxide, the solubility product constant K = [ M g + + ] X [OH—]2 may be 
calculated, and from K the solubility of magnesium hydroxide. Therefore, 
to determine K accurately., one must have: 
(a) Absolute exclusion of carbon dioxide. 
(b) An accurate determination of the magnesium-ion concentration. 
(c) An accurate determination of the hydroxyl-ion concentration. 
(a) The Exclusion of Carbon Dioxide. 
Carbon dioxide was removed from all the water used for the preparation 
of reagents and for dilution, by air which had previously passed through 
soda-lime. The air was passed through lime water to see that it was free 
of carbon dioxide. A magnesium sulfate solution was made up from the 
re-crystallized salt and stored in a flask protected from the atmosphere by a 
soda-lime tube. A sodium hydroxide solution was made by adding the satur-
ated solution to the water while CO, free air was still bubbling through. 
It was standardized against benzoic acid secured from the Bureau of Stand-
ards. It also was stored in a flask protected with a soda-lime tube. Both 
solutions were connected to burettes in such a manner that a portion could 
be measured without any air entering except through soda-lime tubes. 
Bottles were equipped with rubber stoppers and two glass tubes, one reaching 
about half way to the bottom, the other just passing through the stopper. 
The bottles were first swept free of carbon dioxide and then attached to the 
MgSO4 burette, and a definite amount of the solution was run into each bottle. 
The solution was then diluted almost to the capacity of the bottle, and 
NaOH was added. The procedure from this point will be discussed under the 
determination of magnesium. 
(b) The Determination of Magnesium. 
The magnesium sulfate used was Merck's Blue Label re-crystallized three 
times from redistilled water. This was added to the water with the special 
precautions outlined above for the exclusion of carbon dioxide. Since the 
* Edi tor ' s Note :—See above, pp. 26-28. 
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water of hydration of magnesium sulfate is somewhat variable, the standard 
solution could not he made up to exact strength from weighed salt. 
Attempts were made, therefore, to evaporate to dryness portions of a 
solution of the pure salt in water, in order to weigh the residue, which would 
be magnesium sulfate. The attempts were not altogether successful. It was 
found that the temperature during drying must be raised gradually and must 
not exceed a definite relatively low temperature of about 200°C. If the heat­
ing is done too rapidly or the temperature raised too high, the outside of the 
mass will begin to decompose while the inside will be in the hydrated form. 
Directions in some of the quantitative textbooks include heating of the salt 
to a dull red before weighing. This was done but it would not regularly 
bring the residue to a constant weight. Allowing the top of the bunsen 
flame to almost touch the bottom of the dish gave better but not reliable 
results. Heating in a small hot-air oven, about 220°C, also proved unsatis­
factory, because it took too long to oring the reaidue to a constant weight 
and because the results were sometimes too low before a constant weight 
was obtained. 
The pyrophosphate method was then adopted, which consists in 
precipitating the magnesium as M g N H 4 P O 4 with microcosmic salt 
( N a N H 4 H P O 4 ) in an ammonical solution and igniting the precipitate 
to magnesium pyrophosphate. T w o procedures were used: the first, 
after Mellor (76) , with two precipitations in the cold; the second, after 
Schmitz (101), with two precipitations from a hot solution. Prelimin­
ary determinations gave slightly higher results with the first procedure 
than with the second. (Table I I . ) In the absence of direct evidence 
as to which results were more nearly correct, the second procedure was 
preferred because it theoretically involved a smaller probable error. 
The procedure finally adopted was to precipitate twice in the hot, 
the second time adding only a few drops of the phosphate solution and 
an excess of ammonia. . The precipitate was filtered through a Gooch 
crucible and washed with ammonia water in order to decrease the 
solubility of magnesium ammonium phosphate; for, according to Mel­
lor, the solubility of M g N H 4 P O 4 as grams of magnesium per 100 c c , 
is 00115 in pure water (10°C), 0.000031 in 1% NH 3 , 0.000014 in 2% 
N H 3 , and 0.000005 in 3% N H 3 . Although there may be some slight 
solubility due to the presence of ammonium salts, this error should be 
small where only a few drops of hydrochloric acid are used for redis-
solving the precipitate. 
In order to determine how much magnesium was left in solution 
after precipitation, two methods were tr ied: (1 ) determination of the 
, precipitated magnesium to give a basis for calculation of the amount 
left in solution; (2 ) direct determination of the amount left in solution 
by evaporation of a large volume of filtrate. 
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The first method presented some difficulties. The magnesium hy­
droxide is hard to filter on account of its gelatinous nature and conse­
quently hard to wash. This difficulty is augmented by the fact that it 
absorbs large amounts of salts. Although it was found that washing 
would remove most of the sodium salts, the time required to filter such 
a gelatinous precipitate was prohibitive, for such long exposure to the 
air would introduce considerable amounts of carbon dioxide. 
It was, therefore, decided to decant two 2-liter samples from a 
large pyrex bottle, evaporate to a small volume, and precipitate the mag­
nesium with phosphate solution by the method outlined above. The 
solutions were allowed to stand protected from the atmosphere until 
they exhibited no Tyndall cone effect. This required about three 
weeks. 
(c) The Determination of Hydroxyl-ion Concentration. 
The hydroxyl-ion concentration was determined from the expression: 
The constant Kw has been determined by numerous 
investigators, most recently by Lewis, Brighton and Sebastian (64). For 
the sake of simplifying calculations, the value 1 X 10 —14 was used. The 
hydrogen-ion concentration was determined electrometrically with the same 
setup* as was used by Greenfield and Buswell (40), namely: a small lead-
plate storage battery, a Leeds & Northrup type K potentiometer, a Leeds & 
Northrup No. 2500-e galvometer, and saturated calomel half-cells (References 
31 and 32). 
The following formula was used to calculate the negative logarithm of 
the hydrogen-ion concentration: 
E. M. F. = observed over-all voltage. 
EBAR = correction for barometric pressure. 
ECAL = voltage of saturated calomel electrode. 
referred to the normal hydrogen electrode as zero. 
T = absolute temperature. 
RESULTS. 
Experimental data on the solubility of magnesium hydroxide are 
given in Table I I I . Column D shows the amounts of pyrophosphate 
actually in solution after the precipitation of the magnesium as the hy­
droxide. In order to compare these with the amounts that would be 
present if the previously accepted solubility product (1.2 X 10 -11) 
were correct, values were calculated as shown in Column E. Column 
F shows amounts of magnesium determined from values in Column D. 
* Editor's Note :—For fuller description of apparatus, chemicals, and calculations, 
see above pp. 18-23. 
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The values of the solubility product, as given in Column G, show an 
average of .5217 X 10-11. T h e variations from this average are given 
in Column H, together with, the summation of these variations 
( E v = 4.9688 X 10 - 1 1 ) . To get the correction to be applied to this 
average, this summation was used in Bessel's formula (77) : 
giving E = ± 0.1715 X 10-11 
The probable percentage of error is then about 33. The solubility pro­
duct is thus calculated to be (0.52 ± 0.17) X 10 -11. 
The average solubility of magnesium hydroxide would then be 
1.09 X 10 - 4 moles per liter, or .00064 grams per 100 cc. 
This value, which is slightly lower than any previously reported, is be­
lieved to be more nearly correct because errors due to the presence of carbon 
dioxide in former determinations have been eliminated. If any further correc­
tions should be made, they would probably be very slight. It is believed that, 
within the range of temperatures (25-30°C.) under which this work was done, 
the variations in solubility of Mg(OH)2 are negligible. Loven (69) and Herz 
and Muhs (46) have calculated that the solubility should be the same at all 
temperatures, and there is no accepted experimental data to indicate vari­
ations. If there were any variations, they would (by hydrolysis) slightly 
affect the hydrogen-ion concentration, and for all changes in it due to changes 
of temperature allowance was made in the calculation of pH values. 
RESIDUAL ALUM IN AN EXPERIMENTAL FILTER PLANT. 
(a) Historical Items. 
In previous work in this laboratory (40,27), references were made 
to a number of papers on the precipitation of aluminum as the hydrox­
ide.* The growing recognition of the importance of a more thorough 
study of this phase of water purification is shown by the appearance 
. of additional papers in rapid succession. 
Catlett (14) reported pH 6.5 to be the optimum for floc formation in a 
low-color, high-turbidity water and pH 5.7 to 6.5 in a high-color, low-turbidity 
water. Some highly colored waters may show an optimum as low as pH 4.5. 
Gammage (33) reported that color was removed better by low alkalinity 
and high CO2 than simply by the required alkalinity. Almost in direct oppo­
sition to this, Pirnie (89) found that aeration after the addition of chemicals 
gave a better floc, ascribing these results to the lowering of the acidity by 
removal of CO2. Longley (68), also, had contended that the alkalinity must 
be low for best coagulation.‡ 
Daniels (22), working with aluminum sulfate and sodium carbonate, re­
ported maximum flocculation from pH 6.0 to 7.0 and total re-solution at pH 
* Edi tor ' s Note :—See above, pp. 30-32 and 52-53. 
‡  Edi tor ' s N o t e : — I n a recent paper Mortensen (S3) has confirmed Longley's find­
ings ; in the Cedar Rapids plant an optimum for a highly colored water , was found at 
pH 5.6 and for a slightly colored water at pH 6.5. 
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10.5. Calcium aluminates were found, on rather incomplete data, to be some­
what less soluble than sodium aluminates. Dallyn and Delaporte (21) ob­
tained optimum flocculation in colored waters of Ontario at pH 5.5, and in 
Great Lakes water at pH 6.5. Norcom (84) gave a still lower figure (pH 4.4) 
for optimum coagulation at Wilmington, N. C. This optimum was obtained 
when a decrease of 4 ppm. of alkalinity (as CaC03) was allowed for one grain 
per gallon filter alum. Miller (78), in treating a filtered solution of alum 
with sodium hydroxide, found a broad zone of insolubility for the aluminum 
hydroxide between pH 5.4 and 8.5, the greatest insolubility being between 6.7 
and 7.0. 
Banerji (4) recommended that the hydrogen-ion concentration of the 
filtered water be adjusted to pH 7.0, either with alum or with a cheap acid. 
He suggested treating the mud from the bottom of the coagulating tank with 
sulfuric acid and using this in connection with new alum for precipitation 
purposes; but, as the alumina in these sludges is only about 10%, such a pro­
cedure would hardly be practicable. 
In view of these developments it was considered advisable to con­
tinue the series of investigations which had been begun in this labora­
tory in 1920, with a view to determining more definitely the relations 
between hydrogen-ion concentration and residual alum. F o r this pur­
pose, an experimental plant was constructed near the laboratory. 
(b) Construction of the Experimental Filter Plant. 
The diagram in Fig. 1 shows the plan of the experimental plant used 
for the work on residual alum. 
Water was first pumped from the Boneyard Drainage Creek by pump 
No. 1 into the Storage Tank "A", which had a total capacity of 5,000 gallons. 
From storage, the water was drawn by pump No. 2 (30 gallons per minute 
capacity) and elevated to the Coagulating Tank "B". To insure a constant 
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head on the pump as the level on the storage tank was lowered, a barrel 
"C" was placed in the line, with a float valve on the inlet to maintain a 
constant level. 
The addition of chemicals was accomplished by diverting part of the 
water as it issued from pump No. 2 to the mixing tank where chemicals such 
as acid and alum were added in definite amounts. From the mixing tank, 
the treated water was again sucked into the pump together with the raw 
water from "A". Taking into account that the pump was 30 gallons per 
minute capacity and that a constant head was maintained on the filter, the 
capacity of which was 6 gallons per minute, water was thus re-circulated five 
times through the pump and mixing tank. Efficient mixing of the water and 
chemicals was thereby insured. 
The coagulation tank was of 2600 gallons capacity and was provided 
with three baffles to give a detention period of over seven hours. This deten­
tion is based on a six gallon per minute capacity for the system. A float 
valve on the inlet to the tank insured a constant head on the filter, since 
direct connection was maintained. 
The filter was of galvanized iron, two feet in diameter and eight feet in 
height, with one foot of gravel and two and one-half feet of sand above the 
strainer. Thus, with a cross-section of 3.1416 sq. ft, and a capacity of 6 
gallons per minute, the filter very closely approached the usual rate of filtra­
tion in standard plants, that is, 2 gallons per minute per square foot. 
A funnel six inches in diameter was used for a wash water trough. 
A constant level was maintained in the orifice box "G" by means of a 
float valve, and the orifice was calibrated to give the required flow of 6 gallons 
per minute. 
A wash water tank "E" of 625 gallons capacity was installed above the 
filter so as to supply city water at sufficient ,head to back-wash the filter at 
the usual rate of 2 cu. ft. per minute per square foot, or 24-inch vertical rise 
per minute. 
(c) Methods of Analysis. 
Determinations of alkalinity, carbon dioxide, color, and turbidity 
were made according to methods given in Standard Methods of Water 
Analysis (110) . For determining alumina, two-liter samples of water 
were evaporated to dryness in platinum dishes. To remove the tur­
bidity the raw water was filtered through No. 50 Wha tman paper. A 
sample of this paper showed no aluminum on analysis. Palau dishes 
were tried for evaporations, but the nitrates (8.9 ppm.) and nitrites 
(4.1 ppm.) in the water were found to attack this alloy. Attempts to 
reduce the nitrates with hydrogen sulfide in an acid solution were not 
successful. 
The silica was removed according to Standard Methods. In order 
to prevent the loss of any alumina, the non-volatile residue after the 
treatment of the silica with hydrofluoric and sulfuric acid was fused 
with potassium bisulfate. The fusion was taken up with water and 
added to the filtrate from the silica separation. 
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The aluminum was precipitated as the hydroxide with ammonia 
water according to the method of Blum ( 1 2 ) , filtered, reprecipitated, 
ignited, and weighed. 
Iron was determined colorimetrically according to Standard Meth­
ods. Phosphorus, which comes down with the aluminum precipitate, 
was determined by the colorimetric method of Deniges. ( 2 4 ) . 
The actual A12O3 present was calculated from the relation: 
A12O3 = R 2 O 3 — Fe 2 O 3 — P 2 O 5 
The pH was determined colorimetrically by indicators and Clark's (18) 
buffers. 
The calcium and magnesium were determined by precipitation. A 200 
cc. sample was treated with ammonium oxalate in an ammonical solution; 
after filtering, the residue was ignited and weighed as CaO. The magnesium 
was precipitated in the filtrate with microcosmic salt, filtered in a Gooch 
crucible, ignited, and weighed as the pyrophosphate. This method is similar 
to that given in Standard Methods with the omission of steps in the purifica­
tion of the precipitate and with reduction of volume of sample. It is more 
rapid but, of course, less accurate than the standard method, the accuracy 
depending on the concentration of the solution. In this case the error is 
probably within one per cent. 
It was found that the sand used in the filters contained consider­
able limestone which reacted with the water at higher hydrogen-ion 
concentrations, so that the water going through the filter did not have 
a constant pH value. This made it impossible to get results on the acid 
side without radical modification of the plant.* 
* Editor's Note :—See below, pp. 121-127. 
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(d) Results of Experiments on Residual A lum. 
The results of runs on the alkaline side are given in Tables IV, V, 
VI and VII , and plotted in Figures 2, 3, 4, and 5. These results show 
that, other things being equal, the solubility of aluminum hydroxide in­
creases with increasing hydroxyl-ion concentration from pH 7.9 to 9.8. 
In Table IV, which gives data obtained with water of a low tur­
bidity, the increase in solubility with increase in hydroxyl-ion concen­
tration is slight. However, this increase is greater with higher turbid-
ity, slightly greater in Table V and markedly greater in Table V I . 
It will be noticed that in some cases where the points representing 
residual alumina fall out of line, as Nos. 12 and 13 in Table IV, and 
Nos. 10 and 11 in Table V, the amount of alumina in the raw water is 
correspondingly high. In cases where the turbidity is extremely high, 
as in Table V I I , there is shown an extraordinary increase in the residual 
alumina until at pH 9.1 it is as much as 2.50 ppm. 
As \vas shown by Edwards and Buswell (27)**, the alumina con­
tent of the raw water may equal or exceed that of the filtered water. 
Whatever the nature of the aluminum compounds in the raw water, 
they will be partly removed during coagulation and filtration, either by 
precipitation if they are colloidal, or by absorption if they ?? true 
solution. If traces of them are left in the water, they are included in 
the amounts of residual alumina as determined by gravimetric methods. 
The residual alumina in each case should be compared, therefore, with 
the alumina content of the raw water. 
In this investigation, the raw water showed a wide range of alum­
ina content, 'due to conditions peculiar to the drainage basin of the 
Boneyard stream. At times, for example, it carried sludge from a 
water-softening plant at the university power-house or clay from the 
Ceramics Building. These unnatural conditions, in addition to changes 
due to variations in rainfall, made it possible to get data over a range 
not usually obtainable at one plant. 
For work of this kind, gravimetric methods must be taken as the ulti­
mate standard. The hematoxylin test is hardly adequate; for, as ordinarily 
carried out, it is not necessarily specific. There is a chance for error even 
under the carefully controlled conditions used by Hatfield (44). Where the 
aluminum ion is the thing to be determined, hematoxylin may be adequate; 
otherwise, gravimetric methods are to be preferred. 
If the point at issue were the amount of actual aluminum hydroxide in 
solution, instead of the total aluminum content of the water, both the results 
* * Editor's Note :—See above, pp. 56-58. 
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by gravimetric methods and the results by the hemotoxylin test should prob­
ably be slightly discounted. The consistently higher results obtained gravi-
metrically may be accounted for on the basis that the A12O3 determined may 
not all have been present as Al(OH)3; for the presence of silico-aluminates 
and other complex aluminum compounds, especially if in colloidal form, 
would not be indicated by hematoxylin. Every precaution has been taken, 
however, to remove the silica in the work here reported. 
The effect of filtration on the phosphorus content of the water is 
quite noticeable. Phosphorous is usually present in the raw water but is 
removed in most cases during filtration. 
To follow the change in calcium and magnesium content during 
treatment with alum and lime, a few determinations were made of these 
substances, with results as shown in Table V I I I . Column Al shows the 
actual decrease (or increase) in alkalinity. Column A2 shows what the 
increase in alkalinity would be if there were no precipitation of calcium 
and magnesium. Column A3 is figured with consideration for t h e 
amount of lime required to precipitate the calcium and magnesium. 
The calcium and magnesium are expressed as calcium carbonate. 
In calculating the decrease of alkalinity due to reaction with alum when 
lime is used, the practice has been to consider that lime tends to offset de­
crease in alkalinity. The contrary, however, may be true, since lime will 
precipitate calcium and magnesium from the bicarbonates of these metals, 
and also react with CO2 in the following manner: 
CO2 + Ca(OH)2 = CaCO3 + H2O 
Ca(HCO3)2 + Ca(OH)2 = 2 CaCO3 + H2O 
Mg(HCO3)2 + Ca(OH)2 = MgCO3 + CaCO3 + 2 H2O 
MgCO3 + Ca(OH)2 = Mg(OH)2 + CaCO3 
Twice as much lime is required to remove the same amount of Mg(HCO3)2 
alkalinity as is required for Ca(HCO3)2 alkalinity. The following method of 
calculation takes this point into account. 
Let Caco2 = lime required for CO2 
(This will not be included if there is free CO2 in the effluent.) 
Ca1 = calcium in the raw water 
Ca2 = calcium in the effluent 
CaL = calcium added as lime 
Mg1 = magnesium in the raw water 
Mg2 = magnesium in the effluent 
Caco, + 2(Mg,— Mg2)= the lime used up in ways not affecting the calcium 
of the water. 
Ca1 + CaL — [Caco2 + 2(Mg1 — Mg2) ] — Ca2 = amount of calcium precipitated. 
Decrease in alkalinity would be 
A 3 = (Ca1 — Ca2) + (Mg1 — Mg4) + (alum) 
assuming .8 ppm. is the alkalinity reduction due to one grain per gallon of 
alum. This will not affect the total calcium content of the water. 
It will be seen from Table VIII that, if the precipitation of calcium and 
magnesium is taken into account, the actual reduction in alkalinity approxi­
mates the theoretical more closely. Discrepancies that still exist may be due 
to a certain amount of absorption of the different ions, which will throw off 
the results. 
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There is, of course, some chance for error in determining the amount 
of alumina by subtracting he amount of Fe203 and P2O3 from the total R2O3 
precipitate. The total amount of R2O3 seldom exceeded one millgram per 
liter. The relative amounts of A12O3 and Fe2O3 (and in the raw water P2O5) 
were about the same, so that an error in either the Fe2O3 or the P2O5 means 
an error in the A12O3 determination. The method of Deniges for the deter­
mination of P2O5 has never been seriously questioned;; although it showed 
a tendency for the color to fade rapidly, it gave check results in this work. 
Similarly, the Fe2O3 values are believed to be fairly accurate. All care was 
taken to insure the reliability of the figures in these crucial determinations. 
A large number of runs were made in order to determine as accurately as 
possible the solubility of alumina at a given hydrogen-ion concentration. 
There is a possibility of very slight turbidities not visible to the unaided 
eye. Effluents frequently have a slight Tyndall cone effect, and in a spectro­
photometer some waters show that slight turbidity is present although there 
is not enough to report in the usual analysis. 
COMPOSITION OF THE ALUM FLOC. 
(a) Historical Items. 
Filter plant operators have reported from time to time that the 
actual decrease in alkalinity does not check the decrease that would be 
expected from the a lum dosage used. The theoretical decrease is ordi­
narily calculated by the formula: 
A l 2 ( S O 4 ) 3 . ( 1 8 H 2 O ) + C a ( H C O 3 ) 2 = 2 A l ( O H ) 3 + 3 C a S O 4 + 6CO2 
Edwards and Buswell (27) found many such cases in filter plants in 
Illinois and presented possible reasons for this discrepancy.* The only 
reason common to all plants would be the precipitation of basic alum­
inum sulfate. If any basic aluminum sulfate is formed, it should be 
present in the precipitate at the bottom of the coagulating basins. 
(Formation of what has been called colloidal 'aluminum hydroxide" 
instead of the precipitate would tend to counteract the decrease in 
alkalinity.) 
Some characteristics of the precipitate thrown down by sodium hydroxide 
have been described by Miller (78). He found under experimental conditions 
that at pH values below 5.5 the formula 5(A12O3) 3SO3 is approximated, and 
that above pH 5.5 the ratio of aluminum to sulfate increases along a definite 
curve with decreasing hydrogen-ion concentration and becomes infinity at 
pH 8.9. Grobet (42), on adding a sodium hydroxide solution to a concen­
trated alum or aluminum sulfate solution, reported that a basic salt 
A12(SO4)3 . 2A1(OH)3 was formed. Similarly, when 2 or 4 moles of 
NaOH were added to 1 mole of potassium alum K2SO4A12(SO4)2 . 24 H2O, 
Williamson (126) obtained a basic salt (A12O3)5 (SO3)3 . 15 H2O. 
With the exception of Miller's, these investigations were made in rather 
concentrated solutions. All used sodium or potassium hydroxides as precipi-
tants because of their great solubility in water. Miller and Williamson used 
* Editor's Note :—See above, pp. 56ff. 
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pure potassium alum and sodium hydroxide. This is hardly the same condi-
tion as in filter-plant operation, for the potassium alum introduces a higher 
content of sulfate into solution compared to the aluminum. Also, calcium 
bases instead of sodium bases usually enter into the reaction in actual 
practice. 
It seemed advisable, therefore, to carry out some experiments fol-
lowing a procedure suggested by Miller but using normal aluminum 
sulfate instead of potassium alum, and calcium hydroxide and calcium 
bicarbonate instead of sodium hydroxide. 
Another method of attack may be used on this problem. Suppose a basic 
aluminum sulfate were formed according to Williamson's formula: 
the theoretical decrease in alkalinity would then be 7.7 ppm. 
equal to the theoretical decrease in alkalinity when aluminum hydroxide is 
assumed to be the only product formed. 
The fact that the actual decrease in alkalinity is usually more than 
theoretical furnishes further evidence that a basic aluminum sulfate is not 
formed, although some basic aluminum carbonate may be formed under ordi-
nary operating conditions, that is, from pH 5.5 to 7. Even in waters of a 
higher hydrogen-ion concentration it is not probable that basic aluminum 
sulfate is formed, because such waters show an actual decrease in alkalinity 
greater than the theoretical, and this is opposite to the condition which would 
exist if basic aluminum sulfate were formed. 
The final test, of course, is the presence of basic aluminum sulfate in 
filter plant floes, especially if it be in the same ratio as in the precipitate 
from the more concentrated solutions which have been used in most labor-
atory determinations up to the present time. An average dose of one grain 
per gallon makes a concentration .0000505 molar with respect to aluminum. 
The use of this concentration in the laboratory necessitates very large vol-
umes of solution in order to yield sufficient precipitates for analysis. 
On account of these difficulties, the problem was approached from 
another angle; samples of sludge were collected from the bottom of 
coagulating basins at several filtration plants, and were analyzed for 
sulfate. 
(b) Experimental Methods. 
For the experiments on the decrease of alkalinity, with a view to the 
analysis of the floc, a good grade of Mallincrodt's aluminum sulfate was 
selected which had the following composition: 
Aluminum sulfate, A12(SO4)3 53.81% 
Aluminum oxide, A12O3 1.16% 
Water, H2O, by difference 45.03% 
The lime water was prepared from a good grade of marble lime contain-
ing the following impurities: 
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Volatile substances 7.50% 
Chlorides 0.01% 
Silica 0.10% 
Sulfates (SO4) 0.21% 
Alumina 0.35% 
The calcium bicarbonate solution was prepared by bubbling CO, into 
water in the presence of pure calcite. 
The procedure consisted, first, in weighing out 3.03 grams of the alum­
inum sulfate into 3 liter beakers. The salt was dissolved in one liter of 
distilled water, the solution was then violently agitated by a motor-driven 
stirrer while saturated lime solution together with enough distilled water was 
added to make the final volume two liters. At the end of thirty minutes the 
stirrer was removed, and the precipitate allowed to settle. The clear liquid 
was decanted after determining the pH colorimetrically. The sludge at the 
bottom was filtered off, washed several times with distilled water, scraped 
from the paper, and dried at 110° C. Each sample was then analyzed for 
aluminum and sulfate ion. 
The sludge from the. various filter plants was washed with distilled 
water three times by decantation, then collected on No. 50 Whatman paper, 
and washed again with four portions of distilled water. It was dried, first, 
on the steam bath, and then for three hours in an air oven at 110° C. 
After cooling, two portions, one for sulfates and one for aluminum, iron, 
calcium, and magnesium, were weighed out from a glass-stoppered bottle. 
Bach portion was boiled in 15% HCl solution for fifteen minutes, filtered 
thru a Gooch crucible, and washed with distilled water. The crucible with 
its contents was dried for six hours at 110° C, and weighed and the per­
centage of insoluble material was calculated. 
The filtrate was twice evaporated to dryness in a platinum dish, with the 
addition of acid each time, and was filtered through paper. The procedure 
from this point was the same as given in Standard Methods. 
Carbon dioxide was determined gravimetrically by absorbing in KOH, ac­
cording to the method given by Olsen (86). The gas was released by treating 
the sludge with H2S04, warming slightly at first, and finally boiling for several 
minutes. The liberated gas was passed first through an air condenser, where 
most of the water was removed, and then thru calcium chloride. It was 
swept out at the finish with a current of CO2-free air. 
(c) Results. 
The results of analyses of floc produced with aluminum sulfate and 
calcium hydroxide are given in Table IX, and the data plotted in Figure 
6. The molar ratio increases with increasing hydroxyl-ion concen­
tration. The curve obtained is practically the same as the one obtained 
by Miller (78) , who used a potassium alum solution and sodium hy­
droxide as his precipitating agent. A definite formula cannot be as­
signed to the compound formed, because the nature of the curve indi­
cates that the precipitate obtained is variable in composition. However, 
as Miller states, below pH 5.5, the formula 5(A12O3) 3 SO4 is approxi­
mated. 
The results of a series using calcium bicarbonate are given in 
Table X. Here on account of the comparatively low solubility of the 
bicarbonate the final volume of the solution had to be increased to four 
liters. The difference in quality of the two precipitates is remarkable. 
Calcium hydroxide threw down a very flocculent precipitate, similar to 
that formed when sodium hydroxide is used; and this precipitate set­
tled readily, leaving a clear solution. Calcium bicarbonate, on the other 
hand, formed with alum a finely divided, rather chalky precipitate 
which settled very slowly. This may indicate that the precipitates have 
different chemical compositions. 
The results of analyses of floc from filter plants, as given in Table 
XI, bring out several points of interest. First is the high content of 
iron. Evidently, the iron present in the raw water is precipitated to a 
great extent during the purification process. This upholds the sugges­
tion made above, that decrease in alkalinity more than theoretical may 
be due to the precipitation of colloidal iron. The second fact of inter­
est is the lack of appreciable amounts of sulfate. At pH 7.4 the molar 
r a t i o - i s 9 (see Fig. 6). Neglecting the possibility of a basic sul­
fate of iron, the amount of sulfate required to combine with the alum­
inum present in order to form basic aluminum sulfate has been calcu­
lated and is given at the foot of each column of Table XI. This is 
seen to vary from 1.59% to 2.33%. The presence of so large an 
amount of sulfate could not escape detection. 
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When the wet sludge was treated directly with HC1 there was an evolu­
tion of gas, probably carbon dioxide. This may help to account for the 6 to 
12 per cent not determined by analysis. Part, of course, is water combined 
with alumina and iron, part is organic material, and part is probably chlor­
ides. The carbon dioxide content of the dry sludge is rather low, but it is 
certain that during the drying process some of the carbon dioxide is lost. 
The analysis of the wet sludge would possibly give a better knowledge of the 
true compounds precipitated. 
Some of the dried material was fused with Na2CO3, taken up with water, 
and tested for sulfates. There were no sulfates present. 
There is not enough carbon dioxide to combine with the calcium and 
magnesium. However, in such a complex mixture the calcium and magnesium 
may not be present as the carbonates but as the silicates or chlorides. 
A complete study of this problem would include an analysis of the raw 
water as well as the sludge. Only in this way would data be available as to 
what compounds were introduced by the raw water and what compounds 
are formed during the purification process. 
EFFECT OF TEMPERATURE IN WWATER SOFTENING. 
(a) Historical Items. 
The use of heat as an aid in the lime-soda process of softening a 
hard water has been adopted to some extent. It is well known that 
heating the water before softening increases the rate of reaction and 
shortens the time required for settling. There has been, however, little 
data published on the subject of the actual effect of temperature on 
softening. 
In 1911, Greth (41) stated that every natural water presented a separate 
problem, both in rate of reaction and in variation of the amount of chemical 
used from that required theoretically; that solubilities of salts are greatly 
affected by one another; that soft waters have a slower reaction rate than 
hard waters; and that laboratory reactions are often slower than plant 
reactions. 
In 1914, Petit (87) published a paper giving the reactions of some salts 
in boiling water. His conclusions were: (1) Ca(HCO3)2 precipitates to a 
concentration of 0.17 mg CaO or 0.33 mg CaCO3 per liter. Precipitation is not 
affected by mode of heating or condition of walls. (2) Mg(HCO3)2, on the 
other hand, is greatly affected by mode of heating, walls, etc. (3) When 
both bicarbonates are present, precipitation of calcium is increased; if little 
magnesium and much calcium is present, magnesium is precipitated as if it 
were present alone. (4) Sodium chloride decreases directly the precipitation 
of calcium. (5) Small amounts of NaCl increase the precipitation of 
magnesium about 10 per cent. This effect becomes less as NaCl increases, 
and for small amounts of magnesium the precipitation is less than if no 
NaCl were present. (6) Magnesium sulfate decreases directly the precipita­
tion of calcium bicarbonate. (7) In a mixture of CaSO4 and Mg(HCO3)2, 
precipitation of calcium is greater if magnesium is in excess. Magnesium is 
precipitated in increasing proportions as the initial concentration of calcium 
is increased, but even a large excess of CaSO4 does not precipitate all the 
magnesium. 
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In 1917, Wood (130) found that softening with lime alone requires 90 
minutes; that the addition of soda reduced the time to 60 minutes; that ex­
cess lime reduced the time of softening with lime and soda to 40 minutes; 
and that raising the temperature 15-20°C. reduced the time of reaction about 
one-third. According to Gibson (34) reduction in hardness with a 10-minute 
treatment at 210°F. equals that with a 24-hour treatment at 50°F. The rate 
of flow can, therefore, be increased greatly at higher temperatures. 
The Müller hot-process system has been described by Preu (90). It con­
sists of adding Na2CO3 to take care of the non-carbonate hardness and heating 
in the boiler with frequent blow-offs. This method also removes objectionable 
gases, but it has met with some opposition because there is scale formation 
in the boiler. 
Gleeson and Gleeson (35) made a study of the lime-soda process varying 
the dosage of chemicals, but they neglected waters containing magnesium 
compounds. Magnesium-bearing waters had been considered by Bartow and 
Lindgren (5) in their study of softening Illinois waters. They suggested 
for some cases a partial treatment that would give a maximum of softening 
with minimum cost. 
In 1923, Hoover (50) reported on the effect of temperature, time, mass 
action, and addition of alum in water-softening. He believed it necessary to 
get the floc in crystalline form in order to have it settle easily. High tem­
peratures favor crystalline precipitates, while low temperatures tend to form 
colloidal precipitates. In tanks in which alum was used, he found that the 
hardness was more easily reduced than in those in which it was not used. 
In fact, a softer water with less cost for chemicals was obtained by the use 
of alum. 
Bartow, Flentje, and Gallaher (in a paper read before the American 
Chemical Society at Birmingham, Alabama, April, 1923) gave laboratory re­
sults on the effect of temperature on the rate of reaction, but they did not 
consider reduction of hardness. Their conclusions were: (1) The rate of 
reaction in water-softening by the lime-soda ash method increases with in­
creasing amount of lime added, provided sufficient sodium carbonate is added 
to neutralize the non-carbonate hardness. (2) The rate of reaction increases 
greatly with rise in temperature, the greatest increase in rapidity occurring 
probably in the first 18-20°C. rise above normal temperature. (3) The com­
pletion of the reaction increases with a rise in temperature, confirming the 
results of other investigators. (4) With increasing temperature, a small 
decrease in the lime necessary was shown. (5) Without the addition of 
chemicals, the bicarbonates of magnesium and calcium do not decompose 
materially below 65 °C. 
(b) Theoretical Considerations. 
The theoretical relationships between the speed of any reaction and 
the temperature have been reduced to a formula by Van' t Hoff (116) 
and his collaborators; but, because of the complex system involved, the 
formula does not serve as a means of predicting the effect of tempera­
ture on the series of reactions taking place in water-softening. In gen­
eral, reaction rate is multiplied 2-4 fold for each rise of 10°C. The 
exact value of the multiplying factor varies with the nature of the re-
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action, approaching unity for very fast reactions and increasing rapidly 
as the velocity itself decreases. In water-softening, the speed is rather 
fast, especially on the first addition of chemicals. For this first period, 
at least, the reaction rate is probably increased somewhat by a slight 
rise in temperature, but not enough to be detected by simple tests. A 
second period is very noticeable at low temperatures, where the reaction 
is slow and takes an indefinite time for completion. 
Proper mixing of chemicals with the raw water will do much to­
ward shortening the time of reaction. If the sludge from previous 
treatments is agitated with the fresh water, the reaction rate is in­
creased. 
According to Von Weimarn's theory [see Taylor (111)], there are two 
rates in the separation of a crystalline solid from a solution. These are: (1) 
the initial velocity of the condensation, and (2) the velocity of the growth 
of crystals. The concentration of the salts remaining in a properly softened 
water is practically constant at any given temperature. In practice this 
concentration is seldom below 50 ppm. at normal temperatures. The only 
variable factor affecting the velocity of the first stage is, therefore, the total 
amount of solute. For a water of low hardness the velocity of the initial 
condensation will be slower than for a water of high hardness. In actual 
practice, also, it is found that longer time is required to soften a slightly 
hard water than a very hard water. 
When the sludge from previous treatments is mixed with the raw water, 
this theory is not applicable. Rise in temperature lowers the solubility of the 
mineral salts, so that the speed of the initial condensation is increased ac­
cording to the Noyes-Nernst formula (77). Moreover, even at constant tem­
perature, the velocity of the growth of crystals is affected by several variable 
factors. The concentration of the dissolved calcium and magnesium salts in 
the raw water affects the speed of initial condensation. Increasing the tem­
perature also increases the velocity of crystallization. 
The effect of the physical properties of the precipitate and the solution 
of the rate of settling is well brought out by Stokes' formula [see Lewis 
(65)], which shows that the rate of settling is directly proportional to the 
difference in density of the liquid and the solid, and inversely proportional 
to the viscosity of the liquid. A rise in temperature affects the factors that 
determine the velocity of fall of a precipitated particle. For example, 
agglomeration of the molecules makes the particles formed in a hot solution 
larger than those formed in a cold solution, thus increasing the velocity of 
fall very greatly. A rise in temperature also decreases the viscosity and 
density of the liquid. 
(c) Operation of the Water-Softening Plant. 
At the plant of the Illinois Power and Light Corporation, Danville, 
Illinois, where thes observations were carried out, raw water from 
the Vermilion River is first pumped to the power house and used in large 
quantities to condense the steam from turbines. It is then run back and 
down to a sump which continuously overflows into the river. The temper­
ature of the water is raised a few degrees in this use. 
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From the sump, the water is lifted by a centrifugal pump to the softening 
plant. If it is to be treated cold, it goes directly to the tanks; if it is to be 
pre-heated, it passes up and through a tube heater built on the same principle 
as a surface condenser. Steam is supplied to the heater from the central 
power plant. The river water is thus not diluted in the heating process. 
After passing through the heater, the water goes to one of three wooden 
tanks, each tank being about 25½ ft. in diameter and 19% ft. deep and hav­
ing an over-all capacity of approximately 74,000 gallons. As the tanks are 
never completely filled, nor completely drained between runs, the available 
capacity of each is reduced to approximately 66,700 gallons. 
The tanks are filled through a pipe which enters at the bottom, and are 
emptied by a pipe which is mounted on a swivel joint at one side of the bot­
tom and supported by a float adjusted to permit only the clear top water to 
flow out. Samples of the effluent are taken from a tube tapped into the side 
of the discharge pipe. Compressed air for agitation is furnished through 
a system of pipes at the bottom. A float-and-bell signal system indicates 
when the filling or draining has reached the desired point. 
When a tank is over half full, the compressed air is turned on, so that 
the sludge previously deposited is thoroughly mixed with the fresh water. 
When the tank is almost filled, the solution of chemicals is pumped in. The 
air agitation is continued until the tank is full, which is about thirty minutes 
from the commencement of treatment. 
The precipitate is allowed to settle for a period varying from four to 
eight hours depending upon the amount of water the plant is using. Prom 
the tanks, the water goes through rapid sand filters at rates varying with the 
amount of water used daily. It then flows by gravity to the power plant. 
The filters are back-washed daily by city water and agitated with air during 
washing. 
A special soda is used in this plant, consisting of 45% NaOH and 55% 
Na2CO3, which decreases the amount of lime required. 
(d) Methods of Analysis. 
Determinations of alkalinity, free carbon dioxide, soap hardness 
and non-carbonate hardness were made according to Standard 
Methods. Calcium and magnesium were determined after the method 
outlined above (page 82) . Some determinations of magnesium were 
attempted by a method sometimes used in rapid work, which con­
sists of neutralizing the alkalinity, boiling off the free CO2 , adding lime 
water, filtering, and titrating with 0.02 normal sulfuric acid. This 
method is based on the complete and exclusive precipitation of the 
magnesium, the amount present being shown by the difference between 
the titration of the sample and that of a blank; but it was found to give 
low results. 
In the tables showing the results, the column headed "time from 
treatment" gives the number of hours and minutes from the com­
mencement of treatment, although the treatment was not completed 
until approximately 20 minutes later. Filtration of a sample before ti-
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tration is indicated by parentheses around the figures for that sample. 
Turbidity is designated as follows: 
V. T. for a very turbid sample. 
F. T. for a fairly turbid sample, about 20 by the silica 
standard. 
S. T. for a slightly turbid sample, about 5 or less. 
O. T. for a clear sample. 
It was thought best to use this approximate method rather than the 
silica standards because the type of turbidity is hardly the same, the 
floc formed in the softening process is larger, and the time of complete 
clarification is the more important consideration. 
As these experiments were made in the spring months when the 
ice was going from the river and snows and rains were frequent, the 
hardness of the supply varied widely. This made it difficult to adjust 
the dosage accurately. The usual dosage of the special soda was about 
40-45 pounds, weighed to the nearest 5 pounds. A variation from 
theoretical could thus be expected to be about 6%, and any variation 
less than 6% was considered to be exact treatment. 
The additions of lime and mixed soda were figured to lime and 
sodium carbonate for the purpose of getting all additions on the same 
basis. Since one pound of special. soda contained 0.45 lb. NaOH and 
0.55 lb. Na2CO3, it was equivalent to 1.14 lbs. Na2CO3. 
(e ) Results. 
A complete summary of tests made is given in Tables XII-XVIII, 
which are grouped according to the nature of the treatment: 
A. Table XII. Exact treatment at different temperatures. 
B. Table XIII. Over-treatment lime ; exact treatment soda. 
C. Table XIV. Under-treatment lime; exact treatment soda. 
D. Table XV. Exact treatment lime ; over-treatment soda. 
E. Table XVI. Over-treatment lime; over-treatment soda. 
F. Table XVII. Under-treatment lime ; under-treatment soda. 
G. Table XVIII. Under-treatment lime; over-treatment soda. 
Data selected from these results, in order to show more clearly the 
relations of temperature and alum-treatment to rate of settling, final 
hardness, and other effects, are shown in Tables XIX-XXII. 
It is worth noting that the system of mixing is very thorough and 
that the chemical reactions are completed very quickly. Although at 
temperatures near 10°C. there is a slight decrease in alkalinity and in 
hardness after the first hour, most of the readings are so close to those 
of the first hour that they are almost within experimental error. Chem-
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ical action, therefore, is practically complete within one hour from 
commencement of treatment, or within half an hour after completion 
of treatment. 
The effect of temperature on the rate of settling, however, is very 
marked. Six or more hours are required for settling in cold tanks. 
Tanks in which the temperature of the water is raised 15-20°C. clarify 
much more rapidly and thoroughly. The convection currents, which 
are unavoidable in tanks operated on the intermittent system, prevent 
good settling, especially if the tanks are exposed to the atmosphere. 
During cold weather, as the top of the tank cools, the warm water rises 
from the bottom, forming an upward current that opposes the fall of 
the particles precipitated. Unfortunately, it is during the most severe 
weather, when settling is most retarded, that the detention period must 
be shortest. Some practicable method of housing the tanks would, of 
course, eliminate most of this difficulty. 
The effect of temperature on the reduction of hardness is also very 
marked. Table XIX, of which the values given in group "A" are 
plotted in Figure 7, shows the hardness remaining at various tempera-
atures. It appears that heating above 60°C to reduce hardness is hardly 
warranted, as the percentage of reduction (shown by the curve at the 
bottom of Figure 7), falls off rapidly above that point. The water at 
58°C. was slightly under-treated with lime but still shows a marked re­
duction in hardness compared with water treated with the calculated 
95 
amount of chemicals at lower temperatures . The point at 100°C. was 
found by boiling a sample of the treated water in the laboratory. 
The effect of adding alum is shown in Table XX, giving the analy­
ses of two waters treated the same day with the same chemicals with 
the exception that one received a dose of alum. There is a marked 
decrease of hardness where alum is used. This is in accord with 
Hoover's work (50). 
The analyses of some waters before and after passing through a 
sand filter are shown in Table XXI. It is apparent that the filter in 
this case does not remove hardness to any great extent unless the hard­
ness is due to particles in suspension. The advantage of a filter, then, 
is for safety and not for any softening effect. 
In order to test the time of reaction, two tanks were treated the 
same day with the same amount of chemicals and at nearly the same 
temperature. One was agitated with air for thirty minutes, and the 
other was agitated seventy-five minutes. The results, as shown in 
Table XXII, indicate that the reactions are complete at the end of thirty-
minutes and that continued agitation does not help the reactions. 
SUMMARY. 
The solubility product of magnesium hydroxide has been deter­
mined, by the use of the hydrogen electrode, to be 0.52 X 10-11. 
The solubility of alumina in a sand-filtered water increases from ' 
pH 7.9 to pH 9.8. 
When lime is used in connection with alum for coagulation, enough 
calcium carbonate or magnesium hydroxide precipitates to prevent the 
theoretical reduction in alkalinity. 
Calcium hydroxide added to a solution .00476 molar with respect 
to aluminum forms floc of a composition similar to that thrown down 
by sodium hydroxide, and this floc contains a basic sulfate. 
In actual filter-plant practice, floc formed at about pH 7.4 does not 
contain basic aluminum sulfate, but there is indication that a basic 
aluminum carbonate may be present. 
Observations on the effect of temperature in a water-softening 
plant show: 
a. Chemical reactions between the calcium and magnesium salts 
and the softening reagents take place rapidly at all temperatures. 
b. Heating the water agglomerates the particles and decreases 
the time required for settling. While more than six hours is required 
below 10°C, less than three hours is required above 30°C. 
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c. Wi th increase of temperature the final hardness of the softened 
water decreases along a definite curve wwhich flattens out above 60°C. 
d. The addition of alum favors the reduction of hardness, possi­
bly due to the presence of colloidal calcium carbonate or magnesium 
hydroxide in the softened water. 
e. Filtering alone does not decrease the hardness of a softened 
water but prevents suspended particles entering the boiler. 
TABLE I. 
PREVIOUSLY REPORTED VALUES FOR THE SOLUBILITY PRODUCT 
OF MAGNESIUM HYDROXIDE. 
Mg(OH)2 Mg(OH)2 Solubility 
Bibliog. Temp. grams Moles Product 
Number Investigator °C. per liter per liter [Mg+ + ] X [ O H — ] 2 
(69) Loven 10 0.0204 3.5 X10—4 1.72x 10—10 
(46) Herz&Muhs 29 0.0134 2.2 X10—4 4.87X 10— 1 1 
(61) Kohlrausch & Rose 18 0.009 1.5 X10—4 1.35X 10—11 










































































TABLE II I . 
SOLUBILITY PRODUCT OF MAGNESIUM HYDROXIDE. 
(A) (B) (C) (D) (E) (F) (G) ( H ) 
Mg2P2O7 Mg2P2O7 Magnesium Solubility Product Variat ion 
(determined) (calculated) determined from 
No. pH A H — gms. per liter gms. per l i ter moles per liter K = [Mg + ] X [OH] 2 average 
1 9.963 10—4 .0 3 7 0.03075 0.1585 0.00027613 0.233 X 1 0 — 1 1 — . 2 8 8 7 X 1 0 — 1 1 
2 10.031 10—3 .6 6 6 0.0212 0.11585 0.00019037 0.220 X 1 0 — 1 1 — . 3 0 1 7 X 1 0 — 1 1 
3 10.058 10—3-0 4 2 0.01635 0.1023 0.00014082 0.192 X 1 0 — 1 1 — . 3 2 9 7 X 1 0 — 1 1 
4 10.086 10— 3 . 9 1 4 0 .0191 0.08993 0.00017152 0.255 X 1 0 — 1 1 — . 2 6 6 7 X 1 0 — 1 1 
5 10.099 10—3 .9 0 1 0.03475 0.08471 0.00031205 0.492 X 1 0 — 1 1 — . 0 2 9 7 X 1 0 — " 
6 10.251 1 0 — 3 . 7 4 9 0.0053 0.04200 0.00004759 0.151 X 1 0 — 1 1 — . 3 7 0 7 X I t ) — 1 1 
7 10.257 10— 3 . 7 4 3 0.02715 0.04092 0.00024381 0.796 X 1 0 — 1 1 .2743 X 1 0 — 1 1 
8 10.302 10—3 .698 0.0208 0.03326 0.00018678 0.750 X 1 0 — 1 1 .2283 X 1 0 — 1 1 
9 10.303 10—3 .6 9 7 0.01125 0.03311 0.00010102 0.408 X 1 0 — 1 1 — . 1 1 3 7 X 1 0 — 1 1 
10 10.322 10— 3 . 6 7 8 0.01045 0.03033 0.00009384 0.413 X 1 0 — 1 1 — . 1 0 8 7 X 1 0 — 1 1 
11 10.359 10—3 .6 4 1 0.01575 0.02558 0.00014143 0.739 X 1 0 — 1 1 .2173 X 1 0 — 1 1 
12 10.370 10—3 .6 3 0 0.0225 0.02432 0.00020205 1.110 X 1 0 — 1 1 .5883 X 1 0 — 1 1 
13 10.389 10—3-6 1 1 0.0070 0.02228 0.00006286 0.377 X 1 0 — 1 1 — . 1 4 4 7 X 1 0 — 1 1 
14 10.451 10— 3 . 5 4 9 0.01035  0.01675 0.00009294 0.742 X 1 0 — 1 1 .2203 X 1 0 — 1 1 
15 10.453 10—3-547 0.0053 0.01059 0.00004759 0.383 X 1 0 — 1 1 — . 1 3 8 7 X 1 0 — 1 1 
16 10.470 10— 3 - 5 3 0 0.0021 0.01534 0.00001886 0.164 X 1 0 — 1 1 — . 3 5 7 7 X 1 0 — 1 1 
17 10.486 10—3 .5 1 4 0.0058 0.01425 0.00005208 0.488 X 1 0 — 1 1 — . 0 3 3 7 X 1 0 — 1 1 
18 10.571 10—3.420 0.0046 0.009639 0.00004131 0.573 X It)—11 .0513 X 10—11 
19 10.579 10—3-4 2 1 0.00525 0.009288 0.00004714 0.678 X 1 0 — 1 1 .1563 X 1 0 — 1 1 
20 10.690 10—3-310 0.0059 0.005571 0.00005298 1.270 X 1 0 — 1 1 .7483 X 1 0 — 1 1 
A v e r a g e = 0.5217 X 1 0 — 1 1 Ev = 4 . 9 6 8 8 X 1 0 — 1 1 
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Alkal. (MO) (Ph ' th ) Free CO. 
ppm. ppm. ppm. 
Raw Effl. Raw Effl. Raw Effl. 
238 236 0 0 8 5 
242 246 0 0 
246 220 0 10 
250 270 0 10 
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TABLE XI I . 
EFFECT OF TEMPERATURE IN WATERING SOFTENING. 
Exact Treatment at Different Temperatures. 
R U N 1. 
Tempera ture 10°C. 
Treatment from theoret ical : lime — 3 . 8 % , Na2CO3 — 4 . 2 % . 
Treated wi th 115 lbs. lime, 45 lbs. special soda. 
No. T ime from Hardness Alkalinity Turbidity 
t r ea tmen t ppm. as CaCO3 Phenol . M. O. 
(Soap) 
1 1:00 (132) (62) (98) V. T. 
2 2:00 136 70 108 S. T. 
3 3:00 120 72 102 S. T. 
4 4:00 118 70 100 S. T. 
Raw 296 0 204 S. T. 
Analysis: 
Raw water (temp. 6°C.) 
Non-carbonate hardness + 92 ppm. as CaCO3 
F r e e carbon dioxide 9.2 ppm. as CaCO3 
Magnesium 118 ppm. as CaCO3 
Treated water 
Non-carbonate hardness + 18 ppm. as CaCO3 
Magnesium 78 ppm. as CaCO3 
R U N 2. 
Tempera ture 11°C. 
Treatment from theoret ical : lime + 0 . 0 % , Na2CO3 + 6 . 5 % . 
Treated wi th 115 lbs. l ime and 47 lbs. special soda. 
No. Time from Hardness Alkalini ty Turbidity 
t r ea tment ppm. as CaCO3 Phenol . M. O. 
1 0:30 (96) (74) (104) V. T. 
2 1:15 94 78 104 S. T. 
3 2:30 94 74 104 S. T. 
4 3:30 94  74 104 S. T. 
5 4:30 96 78 104 O. T. 
Raw 285 0 198 O. T. 
Analysis: 
Raw water (temp. 8°C.) 
Non-carbonate hardness + 82 ppm. as CaCO3 
F r e e carbon dioxide 7 ppm. as CaCO3 
Magnesium 114 ppm. as CaCO3 
Treated water 
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Treatment from theoretical: lime —5.0%, Na2CO3 +1.4%. 
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Treatment from theoretical: lime —6.7%, Na2CO3 0.07. 
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Treatment from theoretical: lime +4 .2%, Na,CO3 + 5.4%. 








Time from Hardness 







Raw water (Temp. 
Treated 








Noncarbonate ha rdness 














































Treatment from theoret ical : lime 
Treated with 115 lbs. 
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Treatment from theoretical: lime +0.6%, Na2O3 +3 .8%. 
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R U N 9. 
Tempera ture 45°C. 
Trea tmen t from theoret ical : l ime + 4.2%, Na2CO3 + 5.5%. 
Trea ted with 135 lbs. l ime and 54 lbs. special soda. 
No. Time from Hardness Alkalinity Turbidi ty 
t rea tment ppm. as CaCO3 Phenol. M. O. 
1 1:00 93 40 76 S. T. 
2 2:00 81 42 74 O. T. 
3 3:00 70 44 74 O. T. 
4 4:00 70 46 72 O. T. 
Raw 320 0 220 T. 
Analys is : 
Raw water (Temp. 6°C.) 
Non-carbonate hardness + 100 ppm. as CaCO3 
Free carbon dioxide 12 ppm. as CaCO3 
Magnesium 128 ppm. as CaCO3 
Treated water 
Non-carbonate hardness + 2 ppm. as CaCO3 
Magnesium 62 ppm. as CaCO3 
TABLE XI I I . 
E F F E C T OF T E M P E R A T U R E IN WATER SOFTENING. 
Over-treatment l ime; exact t reatment soda (30°C). 
Tempera ture 30°C. 
Trea tment from theoret ical : l ime + 11.9%, Na2CO3 + 1.3%. 
Treated with 145 lbs. lime and 54 lbs. special soda. 
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TABLE XIV. 
EFFECT OF TEMPERATURE IN WATER SOFTENING. 
Under-treatment Lime; Exact Treatment Soda. 
R U N 1. 
Tempera ture 33°C. 
Trea tment from theoret ical : lime 
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R U N 2. 
Temperature 23°C. 
Treatment from theoretical: lime — 1 3 . 9 % , Na2CO3 0.0%. 
Treated with 120 lbs. lime and 50 lbs. Na,CO3. 
No. Time from Hardness Alkal ini ty Turbidi ty 
t rea tment ppm. as CaCO3 Phenol . M. O. 
1 0:45 108 54 86 S. T. 
2 1:45 102 52 84 O. T. 
3 2:45 105 54 84 O. T. 
4 ' 3:45 50 86 O. T. 
5 4:45' 99 48 84 O. T. 
Raw 286 0 202 
Analysis: 
Raw water (Temp. 5°C.) 
Non-carbonate hardness + 84 pmm. as CaCO3 
Free carbon dioxide . 7 ppm. as CaCO3 
Magnesium 114 ppm. as CaCO3 
Treated water 
Non-carbonate hardness + 12 ppm. as CaCO3 
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R U N 3. 
Temperature 56°C. 
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EFFECT OF TEMPERATURE IN WATER SOFTENING. 
Exact T r e a t m e n t Lime; Over- t reatment Soda. 
R U N 1. 
Tempera ture 26°C. 
Trea tment from theoret ical : lime — 2 . 6 % , Na,CO3 + 1 4 . 4 % . 
Treated with 135 lbs. l ime and 90 lbs. Na2C03. 
No. Time from Hardness Alkal ini ty Turbidity 
t rea tment ppm. as CaCO3 Phenol. M. O. 
1 1:00 77 56 84 S. T. 
2 1:30 56 80 S. T. 
3 2:00 7G  49 80 O. T. 
4 2:30 76 52 82 O. T. 
5 3:00 51 82 O. T. 
6 3:30 75 51 84 O. T. 
7 4:15 51 82 O. T. 
8 4:45 77 51 81 O. T. 
9 5:15 52 80 0. T. 
Raw 287 0 198 
Analysis : 
Raw water (Temp. 11°C.) 
Free carbon dioxide 7 ppm. as CaCO3 
Magnesium 115 ppm. as OaCO3 
Treated water 




Treatment from theoret ical : lime + 3.0%, Na2CO3 + 13.8%. 
Treated with 120 lbs. l ime and 50 lbs. special soda. 
No. Time from Hardness 
t rea tment ppm. as CaCO3 
1 1 81 
2 2 81 
3 3 84 
4 4 84 
5 5 84 
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Temperature 30°C. 
1. Trea tment from theoret ical : lime 






























































































































EFFECT OF TEMPERATURE IN WATER SOFTENING. 
Over-treatment Lime; Over-treatment Soda. 
R U N 1. 
Temperature 25.5°C. 
Trea tment from theoret ical : lime + 6.3%, Na2CO3 
Treated with 120 lbs. lime and 50 lbs. special soda. 
No. Time from Hardness 
t rea tment ppm. as CaCO3 
1 0:30 73 
2 1:30 64 
3 2:30 60 
4 3:30 60 
5 4:30 63 
6 5:30 63 
Raw 285 
Analysis : 
Raw water (Temp. 7°C.) 
Non-carbonate 
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R U N 3. 
Temperature 30°C. 
Trea tment from theoret ical : lime 










l ime and 58 lbs. Na2CO3 
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TABLE XVII . 
EFFECT OF TEMPERATURE IN WATER SOFTENING. 
Under-treatment Lime; Under-treatment Soda. 
R U N 1. 
Temperature 18°C. 
Treatment from theoret ical : lime — 24.8%, 
Treated with 105 lbs. lime and 40 lbs. Na2CO3. 
No. Time from Hardness 








Raw water (Temp. 













































R U N 3. 
Temperature 30°C. 
Trea tment from theoret ical : l ime — 1 2 . 9 % , 
Treated with 115 lbs. lime and 55 
No. Time from Hardness 
t reatment ppm. as CaCO3 
1 1:00 79 
2 2:00 81 
3 3:00 83 
4 4:00 82 
Raw 286 
Analysis : 
Raw water (Temp. 10°C.) 
Non-carbonate hardness 














































R U N 2. 
Temperature 21°C. 
Trea tment from theoret ical : lime — 6 . 6 0 % , Na2CO3 — 8 . 1 % . 
Treated with 145 lbs. lime and 55 lbs. Na2CO3 
No. Time from Hardness Alkal ini ty Turb id i ty 
t rea tment ppm. as CaCO3 Phenol. M. O. 
1 1:25 61 SO 57 S. T. 
2 2:40 64 35 60 S. T. 
3 3:40 66 34 62 S. T. 
4 4:40 63 36 58 S. T. 
5 5:40 322 220 
Analysis: 
Raw water 
Non-carbonate hardness + 102 ppm. as CaCO3 
Free carbon dioxide 9 ppm. as CaCO3 
Magnesium 129 ppm. as CaCO3 
Treated water 
Non-carbonate hardness + 8 ppm. as CaCO3 
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Treatment from theoretical: lime — 9.0%, Na2CO3—18.0%. 
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TABLE XVI I I . 
EFFECT OF TEMPERATURE IN WATER SOFTENING. 
Under-treatment Lime; Over-treatment Soda. 
R U N 1. 














ent from theoret ical : l ime 
wi th 120 lbs. lime and 60 
Time from Hardness 









Raw water (Temp. 
Non-carbonate 




































































R U N 2. 
Temperature 34°C. 









ted with 115 lbs. l ime and 
Time from Hardness 
l ime — 7 . 1 % , 
58 









Raw water (Temp. 13°C.) 
Free carbon dioxide 
Magnesium 







































R U N 3. . 
Tempera ture 27°C. 
Trea tment from theoretical: lime — 6 . 7 % , Na2CO3 + 7 . 1 % . 
Treated wi th 125 lbs. l ime and 58 lbs. NaaCO3. 
Analysis : 
Raw water (Temp. 13°C.) 
Hardness 260 ppm. as CaCO3 
Alkalinity 
Phenol. 0 ppm. as CaCO3 
Methyl Orange 177 ppm. as CaCO3 
Magnesium 109 ppm. as CaCO3 
Free carbon dioxide 7 ppm. as CaCO3 
Treated water 
Hardness 71 ppm. as CaCO3 
Alkalini ty 
Phenol. 41 ppm. as OaCO3 
Methyl Orange 74 ppm. as CaCO3 
Magnesium 45 ppm. as CaCO3 
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TABLE XIX. 
DECREASE IN HARDNESS AT DIFFERENT TEMPERATURES. 
Group No. Temp. Final Hardness Per Cent from Theoretical 
0°C. p p m . a s CaCO3 Ca(OH) 2 Na2CO3 
A 1 10 116 — 3.8 — 4.2 
2 11 96 0.0 6.5 
3 13 84 — 3.1 2.5 
4 28 86 — 5.9 1.4 
5 29 78 — 6.7 0.0 
6 30 77 4.2 5.4 
7 30 76 — 3.7 — 4.2 
8 30 69 0.6 3.8 
9 45 70 4.2 5.5 
B 30 64 11.9 1.3 
C 1 23 99 —13.9 0.0 
2 33 72 —14.2 3.9 
3 33 71 —14.2 3.9 
4 56 50' —14.2 3.9 
5 56 50 —14.2 3.9 
D 1 26 77 — 2.6 14.4 
2 30 82 3.0 13.8 
3 30 82 — 3.0 8.0 
4 30 57 0.9 16.4 
E 1 25 63 6.3 8.6 
2 30 51 6.3 8.6 
3 30 54 13.2 17.1 
F 1 18 140 —24.8 —28.8 
2 21 63 — 6.6 — 8.1 
3 30 82 —12.9 — 8.5 
4 32 50 — 6.6 — 8.1 
5 35 65 — 9.0 —18.0 
G 1 12 81 —10.5 6.4 
2 27 71 — 6.7 7.1 
3 32 54 — 7.2 13.7 
4 34 89 — 7.1 7.7 
N o t e : — F o r t r ea tmen t used in each group, see text pp. 93 and 102-114. 
TABLE XX. 
EFFECT OF ALUM 
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Temperature 33o and 35° C. 
Treatment from theoretical: Lime —7.0%, Na2CO3 + 17.1% 
Treated with 120 lbs. lime and 60 lbs. Na2CO3. 












































































Analysis of Raw Water (Temp. 12°C) : 
Free carbon dioxide, 5ppm. as CaCO3 
Magnesium, 106 ppm. as CaCO3 
PART FOUR. 
PRECIPITATION OF ALUMINA IN THE ACID RANGE OF HY-
DROGEN-ION CONCENTRATION. 
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PRECIPITATION OF ALUMINA IN THE ACID RANGE OF HY-
DROGEN-ION CONCENTRATION*. 
INTRODUCTION. 
The work here reported is a continuation of a series of experi­
ments begun by this laboratory in 1920. These experiments, which 
have been concerned, in general, with questions of the rôle of aluminum 
as a coagulating and precipitating agent, have yielded data on the opti­
mum conditions for the production of an effluent free from undesirable 
matter. Practically all of these experiments have been conducted in 
the range of hydrogen-ion concentrations commonly found in filter-
plant practice. 
The work reported by Gallaher and Buswell (see above, pp. 79ff) 
included a study of the precipitation of alumina on the alkaline side 
of true neutrality, that is, above pH 7. Recent investigations in other 
laboratories (reference numbers 15, 51, 83, 84, and 85) have indicated 
some advantages to be gained by operation of a filter plant at hydrogen-
ion concentrations greater than were formerly considered advisable. 
For example, alum floc is more satisfactorily formed and color is more 
easily removed on the acid side; furthermore, the cost of operation may 
sometimes be reduced by bringing the water in mixing tanks and coagu­
lating basins to a lower pH value. 
In practice, however, difficulties are encountered if the water is 
even slightly acidified, and serious damages to distribution systems are 
wrought by a markedly acid effluent. While these problems ultimately 
concern the waterworks engineer, inasmuch as their solution would re­
quire certain changes in plant design, they are at present fit subjects for 
the sanitary chemist to investigate. 
 Experiments to determine how these advantages are to be secured 
and these difficulties to be avoided can hardly be conducted satisfact­
orily in plants furnishing potable water. Present methods of control 
in most cases preclude such disturbing variations from routine as would 
be necessary. Some significant work can, of course, be done in labora­
tories, but the results are not always directly applicable to actual prac­
tice. The construction and operation of an experimental water-purifi-
* From a thesis submitted May. 1925, by L. H. McRoberts in part ial fulfillment of 
the requirements for the degree of Master of Science in Chemistry in the Graduate 
School of the University of Illinois. 
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cation plant, therefore, seems to be the most promising method of ap­
proach. 
Such an experimental plant has been provided for purposes of 
research by the State Wa te r Survey. It permits work to be done on a 
fairly large scale under a wide range of conditions and is susceptible 
to as rigid control as is usually possible in the operation of a municipal 
or industrial treatment plant. A diagram of the layout of the plant was 
given above by Gallaher and Buswell (see Fig. 1, page 80) . 
Former attempts to operate the plant in the acid range had re­
sulted in rapid corrosion of the various metal containers, such as the 
mixing tank for chemicals, the galvanized-iron filter tank, and the ori­
fice tank. It was also found that the gravel and filter sand then in use 
reacted with the acidified water so that pH determinations made on the 
effluent could not be correlated with residual alum content. 
PREPARATION OF THE EXPERIMENTAL PLANT. 
In order to permit an investigation in the acid range, the plant was 
modified during the summer of 1924. Corrosion of iron was eliminated, with 
the exception of surfaces exposed in piping and in the pump, hy the applica­
tion of three coats of asphalt paint ("Turpentine Black Asphaltum", 
American Asphalt Paint Co., Chicago). A wooden container was used for 
mixing the water and chemicals. 
Rock, gravel, and sand for use in the new filter bed had to be sufficiently 
inert so that no change of pH was detected as the water passed through the 
plant. Novaculite*, a silicious material of 1" to 2" size, was used to cover 
the strainer. Next was placed a mixture of chert (flint) and quartz gravel. 
As sufficient chert was not immediately obtainable to complete the filter 
bed, quartz gravel that had been treated with sulfuric acid was used. The 
quartz "sand obtained was of a very good grade and was used in the filter 
without any previous treatment. 
It should be noted here that it is difficult to obtain gravel (even 
though designated as "quartz gravel") entirely free from material that will 
react with acid. What was supposed to be a good grade of quartz gravel was 
purchased for this experiment but was found to be only 93% inert. Before 
use in the filter it was therefore necessary to digest the gravel in dilute acid 
(commercial sulfuric). Complete digestion with one application of acid 
sufficient in quantity to react with the lime present was found to take con­
siderable time; and, since the completion of the filter bed was desired at an 
early date. it was found necessary to remove the acid at one-week intervals 
and to wash out the white precipitate that formed (probably calcium sulfate). 
After three weeks of this treatment the gravel was considered to be suffi­
ciently inert for use in the filter bed. The criterion applied was that of no 
observable evolution of gas on treatment of a small amount of the gravel 
(about 50 gms.) with dilute sulfuric acid (1:1). Even if a slight reactivity 
remained, it was thought that the large body of water in the filter would 
* The novaculite and chert were obtained from the Ceramics Depar tment of the 
University of Illinois. 
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Fig. 1. Cross-Section of Experimental Filter. 
buffer itself so that no appreciable change in pH would be caused in passing 
through the filter bed. 
The construction of the filter and filter bed is shown in detail in Pig. 1. 
The following table gives the amounts of material used and the depth of 
each layer: 
Rock (novaculite) above strainer 4 inches 
Gravel (quartz and chert) 
Held on .45 chert sieve 1 inch 
Gravel held on .3 chert sieve 4 inches 
Gravel held on .2 chert sieve 1 inch 
Gravel passing .2 chert sieve 5 inches 
Sand (quartz, coarse) 3 inches 
Sand (quartz, fine) 27 inches 
Total depth of bed before washing 45 inches 
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After the first washing, the depth of the filter bed was fortythree inches, and 
the top of the filter bed was thirty-two inches from the top of the wash water 
trough. 
The apparatus used for adding chemicals is shown in Fig. 2. The advant­
ages gained by its use were: (1) constant head was maintained at the point 
of delivery with lowering of level in the chemical tank; (2) rate of feed was 
regulated by the stop-cock or by the length of the delivery tube below the 
tank level; (3) clogging was minimized by siphoning so that material float­
ing on the surface was not drawn into the tube. (By the use of a large float 
the counter weight could be dispensed with). 
Fig 2. Constant-Feed Device 
For Mixing Tank. 
DETAILS OF OPERATION OF THE EXPERIMENTAL PLANT. 
Operation of the plant was begun in September and continued two 
months. That determinations of residual alum might be comparable 
throughout the investigation, the alum dosage was kept constant at 2 
grains per gallon (approximately 34 p p m . ) . The alum used was com­
mercial "filter alum". Dilute sulfuric acid was added with the alum in 
amounts sufficient to give approximately the desired hydrogen-ion con­
centration. A constant acid dosage was usually maintained for a period 
of eight hours, after which time the pH value was found to become 
constant throughout the system; that is, from coagulating tank entrance 
to filter effluent. (The retention period of the coagulating tank was 
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7-8 hours ) . At the end of this time a sample of the effluent was taken 
for subsequent determination of residual alum. The acid dosage was 
then either increased or decreased and maintained at the new value for 
another period of eight hours before again sampling the effluent. The 
range of hydrogen-ion concentration in the effluent was from pH 3.2 
to 7.3. Representative samples of the raw water passing into the sys­
tem were collected during the usual eight-hour run for comparison with 
the effluent. 
METHODS OF ANALYSIS. 
At the time of sampling, determinations of alkalinity, free carbon 
dioxide, and turbidity were made according to Standard Methods of 
Wate r Analysis (110) . Hydrogen-ion concentrations were determined 
by indicators according to Gillespie's table of drop ratios. Alumina 
was determined as in previous investigations (see above. pp. 53-56) 
on the basis of the following equation: 
A12O3 = R 2 O 3 — (Fe 2 O 3 + P 2 O 5 ) 
R 2 O 3 being the total residue. The exceedingly small quantities of alum­
ina present in the water made it necessary to take all possible precau­
tions for accuracy, some of which are not observed in the mineral 
analysis as outlined in Standard Methods. 
In order to obtain a suitable amount of alumina for analysis and to 
eliminate certain errors some modifications of the procedure as outlined in 
Standard Methods were necessary. A comparatively large quantity of water 
(2 liters) was used in each determination of A12O3. Fused silica dishes were 
used for the evaporation. Evaporation to dryness and removal of silica re­
quired about five days. As some alumina or ion may be removed with the 
silica, the nonvolatile residue after the treatment with hydrofluoric acid was 
fused with potassium acid sulfate and added to the filtrate from the silica 
separation. The precipitation of the iron and aluminum was made according 
to the method outlined by Blum (12). The precipitate obtained was dissolved 
in hydrochloric acid and reprecipitated. It was found that silica was usually 
present to the extent of 10% of the total weight of residue after ignition, so 
that a volatilization with hydrofluoric acid was necessary to give the true 
weight of R2O8. 
Iron was determined colorimetrically on the original sample ac­
cording to Standard Methods. Phosphate was determined colorimetri­
cally according to the method of Deniges (24)* . 
*Edi tor ' s Note : See above, pp. 54 and So. 
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RESULTS. 
Tables I and II show determinations of pH value, alkalinity, and 
free carbon dioxide made at the time of sampling the effluent and raw 
water, and determinations of residual alum made subsequently accord­
ing to the procedure outlined above. 
Only on the first six runs, were samples of raw water analyzed 
for alumina, for the main object of the investigation was to show the 
relation of alumina in the effluent to the prevailing pH value in the acid 
range. It had been shown by previous investigations in this laboratory 
(see above, pp. 56-59) that the alumina content of the effluent was 
less than the alumina content of the raw water if the plant was oper­
ated under the most efficient conditions. This is true in samples No. 
1 and 6, which, being taken at pH values of 7.3 and 6.0 respectively, 
are representative of practical operating conditions. 
These data, showing the presence of an increasing amount of 
alumina with increasing hydrogen-ion concentration will be found 
plotted on the Composite Figure on page 11. The increase in alum­
ina content from pH 6.6 to 3.5 seems to be fairly regular, but below 
pH 3.5 a small increase in hydrogen-ion concentration is accompanied 
by a very large increase in alumina content. As shown by previous in­
vestigations, the residual alum content in the zone of minimum solu­
bility is not dependent on the hydrogen-ion concentration alone but is 
influenced by other conditions. There is a wide variation in residual 
alum between pH 5 and 7.3. The observation made by Gallaher and 
Buswell (see above, page 84) that the phosphate content of the raw 
water was for the most part removed by the purification process, has 
been here confirmed. The phosphate content of the effluent is either 
zero or very much lower than that of the raw water. 
SUMMARY. 
Residual alum was determined gravimetrically in the effluent of 
an experimental water-filtration plant operating at various pH values 
throughout the acid range (pH 3.2 to pH 7.3), and was found to in­

































































































































































































ANALYSIS OF RAW WATER USED IN EXPERIMENTAL PLANT. 
(Free CO2 Ranged From 8 to 21 p.p.m.) 
No. A1203 R203 Fe203 P205 pH Alkalinity 
M. O. Phenol. 
ppm. ppm. ppm. ppm. ppm. ppm. 
1 3.31 5.28 1.72 .25 7.5 340 0.0 
2 3.90 5.00 .75 7.7 334 0.0 
3 0.84 3.87 2.15 .88 7.7 . 344 0.0 
4 4.05 3.58 .63 7.4 294 0.0 
5 1.54 3.29 1.00 .75 7.5 332 0.0 
6 2.84 4.61 1.14 .63 7.6 336 0.0 
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